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I. INTRODUCTION 
A* Nature and Purpose of the Research 
The subject of this investigation is the successive aquation reactions 
of dichloro(ethylen<îidiaaine)platinum(Il), [PtClgCen)], and the chloride an-
ation of the résultaient aquo complexes. The chanical system of interest may 
be described by the reversible reaction sequence: 
[PtdgCen)] + H2O ^ [PtCl(S20)(en)]+ + Cl" ; ; (I) 
.^1 
[PtCl(H20)(en)]+ + HgO ^ [PtCHgOgCe»)] . (2) 
-^2 
This research has as its nain objective the determination of the specific 
rate constants, , k_^, k^, and k_2> and of the related concentration 
equilibrium quotients, and 
B. Background Pertaining to Spectra 
Since many of the kinetic studies lAich were conducted during the 
course of this work involved utilization of the electronic absorption 
spectra of the complex species, and since certain fascinating spectral 
phenomena, were observed by this worker, it seems pertinent, and interesting 
in itself, to briefly outline the development of the theory of such spectra 
as related to square-planar complexes of platinum(Il). Such complexes have 
bean known to exist at least since I828 when Magnus (1) prepared the deeply 
colored, green salt iAich is now known to be [Pt(NH^)ji^][PtClj|^]. The pos­
sibility of tho square-planar configuration, as an alternative for the 
tetrahedral configuration, was first proposed by Alfred Werner (2) in 1893. 
One of the first steps towards the description of electronic absorption 
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spectra was an electrostatic or Crystal Field Theory (OFT) such as that 
which was utilized by Baths (3)« Use and Hartmann (4), and others, applied 
CFT to coordination compounds. In its original form, CFT considered that 
the ligands seemed to provide an electrostatic field i6ich perturbed the 
orbitals of a central metal ion. Consequently, bonding, especially the co-
valent contribution to the bonds, was ignored. When applied to coordina­
tion complexes in solution, the theory is usually termed Ligand Field 
Theory (LFT). 
An alternative treatment utilized techniques developed by Huckel (5) 
for conjugated organic systems to provide a molecular orbital (MO) descrip­
tion for coordination compounds. This method involves linear combinations 
of atofflio orbitals (LCAO), Wblfsberg and Helmholz (6) used such an extended 
Hiickel model in applications to some tetrahedral ions. Their approach is 
sometimes referred to as the )&illiken-Wblfsberg-Helmholz (MWH) method. The 
MWH method has been modified b7 Ballhausen and Gray (?) and subsequently 
applied to a number of transition metal complexes. Some authors have 
questioned the reliability of the method in such applications, and con­
siderable controversy has appeared in the literature among the opinions of 
Gray, Ballhausen, et (7-10); Cotton, Harris, et (11-13); and, 
Fenske, et al. (14-16). 
Utilizing either MO or LFT one can attempt to e^qplain the electronic 
absorption spectra of square-planar complexes, such as [PtCljiJ^", For pur­
poses of the following discussion, the ligands have been chosen to lie 
along the x and y axes of a right-handed Cartesian coordinate system with 
the platinum atom located at the origin. Such square-planar complexes, 
with four equivalent ligands, belong to the point group Considering 
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the MO approach, if one used as a basis set the (n-1 )d, ns, and np metal 
atomic orbitals (AO), and the ns and np ligand AO, using group theoretical 
principles (17), one can obtain the "symmetry-adapted" ligand molecular 
orbitals (LMO) and the "symmetry-adapted" metal atomic orbitals (MAO). The 
one-electron MO's for the confiez are then constructed as linear combina­
tions of the LMO's and the MAO's, tàierein symmetzy considerations prohibit 
combination of ccxaponents lAich belong to different irreducible represen­
tations of the group. 
In terms of LFT, the absorption spectra result from transitions within 
the metal d-orbital levels. According to MO theory, these transitions 
occur among the !<£} levels -which are predominantly metal d-orbital in char­
acter. Thus, it is qualitatively correct to correlate the MO levels with 
the LFT d-orbital levels. 
Again, in terms of LFT, the actual ordering of the d-orbital levels in 
such complexes can be approximated from a simple electrostatic approach. 
Thus, if one considers forming a square-planar electrostatic field by re­
moving the charges from along the z-axis of an octahedral field, one ex­
pects a progressive shift in the d-orbital energy levels as indicated in 
Figure 1. In this figure, the effect has been indicated at three stages. 
Ihe question remains for experiment and theoretical calculations to deter­
mine lAioh configuration of Figure 1 applies to square-planar complexes. 
The state of the theory is such that it is not possible to provide a dis­
tinction between the possible orderings of Figure 1. 
In the past, various workers have proposed ordering A (13). Others 
have proposed configuration B (8, 19), Still others have suggested that 
configuration C best represents the physical situation in square-planar 
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figure 1. Qualitative effect on the d orbitals at various stages of re­
moving the charges from along the z-axis of an octahedral field 
complexes (10, 12, 20). The question of energy level ordering for the 
[PtClji^]^" ion was not resolved until low temperature spectra using polar­
ized light were analysized. for single crystals of KgCPtCl^} (21). Such 
spectra, when considered in conjunction with the magnetic circular dicliro-
ism studies of Martin, et (22), later corroborated by ijcCaffery, Sshatz 
and Stephens (23)• have provided rather decisive support for the ordering C 
of figure 1. Mason and Gray (24) have recently reported results of spectra 
for square-planar complexes recorded in non-aqueous media which they Inter­
preted according to ordering C. It now seems that the latter ordering of 
Figure 1 is commonly accepted as the best approximation to the physical 
reality for [PtCl^]^", 
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À Gaussian analysis of the spectrum of [PtCl^]^" in aqueous solution 
shows two moderately intense bands which are associated with the singlet-
singlet xy -•x^-y^ and (zz, yz) z^-y^ transitions ^ The two corresponding 
spin-forbidden transitions are assigned to the two less intense peaks at 
longer wavelengths. Presumably, the spin-allowed -» x^-y^ transition 
energy is such that the associated band is masked by the intensity of the 
charge transfer band. Mason and Gray (24), for example, on the basis of 
their work in non-aqueous media, have assigned the z^ -#» z^-y^ band in the 
region of the charge transfer band. 
Chatt, Gamen and Orgel (20) state that since the positions of the 
absorption bands for the entire series of Pt(ll) chloro-ammine complexes 
show regular shifts to shorter wavelengths as the chloride ligands are 
successively replaced by ammonia ligands, one can generalize the descrip­
tion used for [ PtCl^^] onto the entire series. These workers continue 
stating that the lower symmetry of some of the complexes is expected to 
only slightly modify the character of the orbitals involved. Thus, th^ 
conclude, the apprtndmate description of the d -»d transitions retains its 
meaning. In fact, however, the differences may not be as subtle as the 
above statement implies. Consider, for example, cis-fPtCl2(MHj)2l * which 
has C2y symmetry. For such a complex, the coordinate systan of Figure 2 is 
acceptably consistent with the convention of taking the z-axis as the major 
rotational axis. Such a choice of axes results in a correlation between 
the d orbitals in and Cgy symmetries as indicated by the diagram of 
Table 1. As one can see, the description of transitions in symmetry 
in terms of the related d -• d transitions in symmetry is indeed approx­
imate. It also seems pertinent to note that the metal Py and p^ or-
6 
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Figure 2. Coordinate system for square-planar Pt(II) complex with C2^ 
symmetry» For the discussion herein presented, A = NH^ 
Table 1. Correlation between d orbitals in and €2^ symmetries 
%h representations and orbitals C2V representations and orbitals 
^1g 
^2g 
x^-y^ h xz 
- 1/2(I2-5^) 
®g xz, yz ^2 27 
*1g z2 
b2 yz 
i/2z^ + 
bitals transform as b^, bg and a^, respectively, in symmetry. This 
results in some mixing of p and d orbitals lAich should provide a mechanism 
for band intensification even without invoking vibronic coupling. In fact, 
the intensities of the bainis for Gis-rPtCloCNH^)^! are some^Aat greater 
than the observed intensities of the [PtCl^]^" bands (20). Furtheimore, 
one can predict the polarization of electric dipole transitions under 
symmetry. Using the two hole formalism for Pt(ll), one can easily derive 
the selection rules of Table 2. Thus, if one were fortunate enough to have 
available single crystals in which the molecular plane was oriented perpen­
dicular to the crystal surface, studies of absorption spectra using polar-
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Table 2. Selection rules for electric dipole transitions for Pt(Il) com­
plexes of C2y symmetry 
Transition x y z 
5^ alloHed forbidden forbidden 
^2 forbidden forlûdden forbidden 
Bg forbidden allowed forbidden 
ized light could provide valuable information pertinent to the assignment 
of absorption bands, 
C. Background Pertaining to Kinetics and Equilibria 
A very laz^e number of kinetic studies of substitution reactions sf 
square-planar Pt(Il) complexes has been reported in the literature. The 
development of such work has been presented in review articles and texts 
(25-28). In a recent review article, Martin (29) has outlined the devel-
opnent of theories related, to ligand substitution reactions of square-
planar complexes of platinum(II). 
It is now generally accepted that Pt(Il) complexes undergo ligand 
substitution ty an associative nucleophilic displacement process involving 
a five-coordinated transition state of roughly trigonal bipyramidal coofig-
uration. As indicated ty the reactions of Sanations 1 and 2, such ligand 
substitution processes may be reversible, resulting in the establishment of 
equilibria. To simplify the treatment of the kinetics, it is common to 
study such ligand substitution reactions under pseudo first-order condi­
tions* Sucn utilization ox a large excess of the nucleuj^uilo way ui.-iVô the 
ligand exchange near enough to completion to permit the neglecting of the 
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reversibility, Taei'i, if the rate of replacement of a solvent ligand by the 
nucleophile is sufficiently rapid, the concentration of solvent-containing 
species may be held insignificant, Ihder such conditions, one obtains the 
rate law for what is considered to be the normal mode of ligand substitu­
tion reactions for Pt(ll) complexes, namely; Rate = complex (k^ + k^Y). 
The constant is the specific rate constant for ligand substitution by 
solvent i6ich is then rapidly replaced by the nucleophile; the constant k^, 
refers to the direct substitution ty the nucleophile. 
The question of whether or not substitution reactions of square-planar 
complexes of platinum(ll) involve a trigonal bipyramidal intermediate has 
been discussed by Langford and Gray (28), These authors propose the exis­
tence of such an intermediate since the resultant mechanism is able to 
account for all available data* 
Seeking an ordering of nucleo^Mles in terms of their reactivities, 
and desiring to observe the effect of changing the substrate platinum com­
plex on reactivities, Belluco, et al. (30) defined a nucleophilic reactiv­
ity, np^, as log(k^/k^) for trans-EPtCloCw) J Cpy = pyridine) in methanol 
at 30.0°C, They noted th&t for several other neutral substrates the data 
was well represented by the e;q>ression: Log(ky/k^ )j^ = s^np^ + log(k^ )^, 
where was called the nucleophilic discrimination factor for the ith 
substrate. Their ordering of nucleophiles was in agreement with the "^lard 
and soft" concept of acid and bases which had been proposed ly Pearson 
(31). For example, ligand. replacement hydroxide, which is normally con­
sidered to be a strong nucleophile, is immeasurably slow for the "soft" 
Pt(II) complexes lAen compared with the solvation process in aqueous media. 
Finally, it must be noted that several exceptions to the "normal" 
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Ugand replacement behavior have been observed in isotoplc exchange studies. 
Isotopic exchange of Uganda is usually considered to be only a special 
case of ligand exchange; however, investigations outside the pseudo first-
order regions have demonstrated processes involving dimer transition states 
(32-3^ ), 
CoQcentra'U.on equilibrium quotients associated with ligand substitu­
tion reactions lAioh form aquo speoies have benn determined by a variety of 
methods. Grlnberg and Shaglsultanova (35) utilised titration of the aquo 
complexes with hydroxide, as did Nlkolaeva and Pastukhova (36). In the 
application of a tltrimetrlc method, Grantham, Sll eman and Martin (37) 
found that it was necessary to correct titration data for the amount of 
hydrolysis lAloh had occured during the titration. Martin et al. (37-^2) 
have used this method for the entire cbloroammine series of Pt(Il) canplexes, 
as well as for some bromo comi^exes (33, ^ 3)* A radiochemical technique 
provided Uartin and Bahn (44) with a direct measurement of the equilibrium 
quotient for the aquation reaction of [PtBr(dlen)]'^ (dien = diethylenetrl-
amine). ELItng and Leden (4-5) have utilized spectrophotometrio measurements 
with Uie subsequent application of the method of corresponding solutions 
(46) to determine "Uie concentration equilibrium quotients for the aquation 
reactions of [PtCl^]^'. They also determined the constant for the second 
step from spectrophotometrio measurements following anion exchange separ­
ation of negatively charged species from uncharged species. Their value 
for the concentration equilibrium quotient for the first aquation reaction 
agreed well with the ratio of the forward and reverse rate constants lAloh 
they independently measured. Typically, such determinations have yielded 
values for concwtration equilibrium quotients with errors of the order of 
10 
ten percent. Possibly the spectrophotometric method of determining succes­
sive formation constants described by Newman and Hime (4?) deserves some 
attention. 
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II. rlATERIALS AND BQUIPMS^ T 
The method described by Basolo, Bailer and Tarr (48) was used, in a 
slightly modified foim, to prepare [PtCl2(en)]. One modification consisted 
of dissolving the starting material, KglPtClji^], in 0,05 M HCl, rather than 
in water, and adding enough 5',o aqueous ethylenediamine to both neutralize 
the acid and effect 80^ conversion. Instead of adding portions of the 
ethylenediamine and occasionally stirring, the ethylenediamine was allowed 
to slowly drip from a burette into the KgLPtCl^i^] solution over a period of 
several hours with constant stirring. The process was interrupted every 
hour or so and the product was collected. Usually, the last fraction con­
tained the coordination polymer, [Pt(en)2][PtCl^], and was therefore dis­
carded. The yield of small, yellow-green crystals was typically about 60#. 
The product from such preparations was recrystallized, in small por­
tions, from water to which chloride had been added. A satisfactory, al­
though slow, recrystalliz&tion procedure consisted of adding about 0.5 gram 
of the compound to a beaker containing 200 ml of 0.05 % HCl and warming to 
65^C in a water batli with constant stirring. (Temperatures much greater 
than 75^0 resulted in decomposition, as evidenced by the deposition of a 
platinum mirror on ^he bea-ker.) After one or two hours, the solution was 
rapidly filtered through & steam-heated Biichner funnel, poured into a petri 
dish and covered. Crystallization proceeded rapidly at first, then more 
slowly for the next several days. The resultant bright yellow needles were 
collected by filtration, washed with 0.05 H HCl, alcohol and ether, respec­
tively. The recrystallization yield was also about 60^« 
The [PtCl2(en)] which was used for the studies described in this work 
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cans from two preparations. The analyses for these preparations are given 
in Table 3* 
Table 3« Results of elemental analyses for the two preparations of the 
complex, [PtClgCen)], used for studies described in this work. 
Analyses were perfomed by Clark Mcroanalytical Laboratozy, 
Urbana, Illinois. The listed analytical results for the recrys-
tallized product of the first preparation are average values for 
two determinations of each element 
Element ^ analytical ^ analytical i» calculated 
(crude product) (recrystallized) 
Platinum 59.44 59.41 59.82 
Carbon 7.54 7.38 7.37 
hydrogen 2.57 2.48 2.47 
Nitrogen 8.22 8.28 8.59 
Chlorine 21.99 21.89 21.74 
Platinum 60.16 59.35 59.82 
Carbon 7.53 7.42 7.37 
hydrogen 2.43 2.49 2.47 
Nitrogen 8.66 8.89 8.59 
Chlorine 21.83 22.06 21,74 
Although, to within the accuracy of such analyses, one could say that 
the oosplex was recrystallized to constant composition, it is recognized 
that one main inpirity is a coordination polymer and therefore would be 
undetectible by elanental analysis. In cases such as this, perhaps the uv 
absorption spectrum provides a better criterion of purity than does the 
elemental analysis. Since the absorption at a valley in such spectra is 
highly sensitive to impurities, it is customary to use the ratio of absorb-
anceSf measured a masdjaus and at a minimum (the peak to vaUey ratio), 
as a criterion of purity. For [PtCl2(en)], the peak (3OO nm) to valley 
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(2^5 nm) ratio increases markedly upon reciystallisation. In some cases 
this increase amounted to a factor of two or three. A peak to valley ratio 
of approximately seven has been accepted this worker as representative 
of pure [PtClgCen)] (>99^). 
The ethylenediamine vhich was used in the preparations of the complex 
had been freshly distilled using a fractionating column packed with 1/8 
inch glass helices. The boiling point range of the organic fraction which 
was collected from such distillations was 116.5-117.0®C, The aqueous 
ethylenediamine solutions were prepared as soon as possible after distil­
lation since such dilute solutions were more resistant toward decomposition 
than was the pure organic* 
The KgCPtCl^] was prepared from iridium-free K2[PtCl^] (39) by reduc­
tion with freshly prepared SO2 solution according to the method of Keller 
(49). 
All other reagents were analytical reagent grade chemicals lAich were 
certified to meet A. C, S. standards. All water was drawn from the labor­
atory distilled water tap, redistilled from alkaline pemanganate and again 
distilled through a fracti.onating column» 
Weighings of salts used for ionic strength adjustment were performed 
on an Ohaus "Cait-O-Gram" triple beam balance, Model 311* This is a 311 
gram capacity balance calibrated to 0.01 gram units, then precise weii;hingK 
of small quantities were desired, such as weighings of the complex, a 3ar-
torius single pan analytical balance. Model 2404, was used. This devise is 
a 100 gram capacity, five place, digital read-out balance with a precision 
(standard deviation) of t 0,01 mg. 
The acid-base titrations and the pH-stat studies were conducted using 
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a Radiometer SBR2c/JiBU 1 c/"'TA3 automatic recording titration apparatus in 
conjunction with either a 2.500 ml burette with an accuracy of 2.5 j-ll + 
0.5% or a 0,2500 ml burette with an accuracy of 1 jjLl + 0,?'^. The titration 
vessel was equipped with a water jacket for tesçarature control and with a 
gas inlet tube for atmosphere control. In all such studies, a slight posi­
tive pressure was maintained in the vessel by bubbling grade "A" purified 
nitrogen through tie solution and allowing the gas to escape through the 
electrode and gas inlet fittings. Prior to admission into the vessel., the 
nitrogen was passed through a tower containing Ascarite. 
The constant temperature baths were Sargait water baths controlled by 
Sargent micro-set 'Uiermoregulators, relays and combination circulating-
heating towers. For 25«0®G and 30.0°C a cold tap water cooling coil was 
also employed. The desired temperature was set to match the corrected 
reading on a 0.1°C thermometer lAioh had been calibrated by the National 
Bureau of Standards. At 25.0°C and 30*0^C, the temparature variations in 
the baths were less than - 0.05°C, as measured by a Beckman six degree dif­
ferential thensmeter which was calibrated in 0.01°C units. At 35*0^C, the 
temperature was controlled to within - 0.08°C, as measured by a 0,1°C ther­
mometer. 
Spectra and absorbance measurements were recorded using a Gary 14 
spectrophotometer with the hydrogen lamp light source, All spectrophoto-
metric cells had silica optical windows and known path lengths. Reference 
solutions contained all electrolytes and reagents, except the coinplex, in 
the same concentrations as the sample solutions, Absorbance data were 
always made relative to base line which had been recorded using the appro­
priate reference solution in both the sample and the reference cells. 
15 
stopped-flow experiments utilized a Dtirram-Gibson stopped-flow spec­
trophotometer in conjunction with a Tetroniz, type 5^» storage oscillo-
acope. Photographs of oscilloscope traces were made with a Polaroid Land 
camera. 
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ni. SZFKHIMQITAL APPARATUS AND TECHNIQUES 
Â. Aqtiation Bq.ullibria 
The aquation concentration equilibriua quotients were determined via 
potentiometric titrations of equilibrium solutions. At eadi temperature 
studied, solutions of six different total complex concentrations were 
titrated* The ionic strength was maintained at 0*318 M by the addition of 
HadOji^; the oontribation to the ionic strength of the various ccsnplex 
species was n%leoted. Having been prepared by the concentrated sodium 
hydroxide method (50), the NaOH titrant was carbonat»-free. The titrant 
was stored under nitrogen, and all titrations were perfomed under a nitro­
gen atmosphere. Standardi sation of the NaCB was accomplished by titrating 
solutions of primary standard potassium acid |ùthalate (KHP) of conca:.-
tration similar to the acid concentration of the most oœicentrated equi­
librium ecKaplex solution, that is, about 1 x 10""^ M. Ihe standard KHP 
solutions were prepared by dissolving a weighed quantity of the solid, 
primary standard KHP in the same O.3I8 M NaCIO^^ solution lAioh was used to 
prepare the complex solutions. 
The complex solutions were prepared as follows: The solution of max­
imum concentration, 1 x 1C"3 M, was prepared by placing a weighed quantity 
of solid [PtCQ^Cen)] in a one liter volumetric flask and filling to the 
mark with 0*318 H NaClO^^ solution. A teflon-coated, magnetic stirring bar 
was introduced, and the flask was covered with opaque tape to exclude 
light. The flask was then sealed with tape and i^oed aa. a mechanical-
magnetic stirrer at room temperature o To lainimize heating from the elec-
tric stirring motor, two layers of I/16 Inch asbestos sheet were plaoed 
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between the flask aad the stiirer plate* Solutions were stirred for at 
least 12 hours, (Solubility studies had indicated that this amount of 
time was at least me and ooe-h&lf times that required to dissolve all the 
eoaplex present at room ten^erature. ) After dissolution, the solution was 
rwoved from the stirrer and allowed to cool for at least one hour. The 
solutions of lower total cœaplez concentratims were then prepared by plac­
ing allquots of the 1 x 10"^ H complez solution in 250 ml volumetric flasks 
and diluting to the mark with the 0.318 M NadO^ solution idiich had been 
used to dissolve the complex. The six flasks containing the complex solu­
tions were then covered with opaque tape, sealed, placed in a constant 
tanperature bath, and allowed to equilibrate for 18 to 24 hours. 
Six complex solutions, together with a standard KHP solution, were 
titrated in sets, it set of titrations consisted of two or three standard­
ization titrations and two titrations of each cmi^ex solution. Such sets 
of titrations were repeated periodically over a 25 to 30 hour period until 
each complex solution had been titrated about ten times, or until saiqiles 
were exhausted. The technique of simultaneous standardization at the 
temperature of measurement (the standard KHP having been kept in the cw-
s tant temperature bath also) served to compensate for minor changes in NaCH 
concentration, for instrunnantal drift, and for small volume errors result­
ing from the different temperatures which were studied. A^U such small 
errors were neglected, as were the changes resulting from any temperature 
deviation during the time interval between sample removal and the end-]x>lnt 
of the titration. The small errors resulting from hydrolysis during the 
titration were also ignored. The latter errors were, if fact, made n%ll-
gible performing the titrations as rapidly as possible in the themo-
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stated titration vessel* The total time îrœa sample removal to the end-
point of the titration was less than three minutes. The actual titration 
time required to reach the end-point was less than one minute in all cases. 
Since, in the past, workers in this laboratory had observed the effect 
of hydrolysis during slower titrations (37) t it seemed advisable to demon;, 
strate that the titrations performed by this worker were indeed rapid 
enough to make such a correction unnecessary. As a cheek, therefore, some 
titrations were performed at a total titration time of approximately twice 
that mentioned previously. The end-points of these slower titrations were 
in agreement with the rapid titrations to well within one standard devi­
ation in all cases. Thus, the error introduced by hydrolysis during the 
titrations perfozmed by this worker has been shown to be negligible. 
B. Aquation Elnetlcs 
The aquatlmi of [PtGl2(en}] was studied by two methods, both being 
subject to the same difficulty - dissolution of the coo^usde Even idien 
ground to a fine powder, tlie c<»ipound is difficult to dissolve, k solu­
bility study indicated that, at room temperature, the inax3.iman solubility 
of the confiiez Is <1.5 x 10"^ M. Although 2 z 10"^ M solutions are pre-
parable with vigorous stirring for several hours, sudi is the result of the 
greater solubility of the aquo complexes formed by the hydrolysis* Addition 
of chloride to such solutions, with the subsequent reversal of the aquation 
reactions, results in precipitation of the dlohloro oomplex. Solubility 
studies also indicated that 1 z 10'^ M solutions were attainable within 
minutes, however, this did the ezperimantor no good since the larger nar-
tlcles of soUd confiez ranained undissolved* Apparently, the solid, pow­
dered [PtdgCm)] Is very resistant to wetting and the unavoidable Imq» 
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idhich form in the ponder require several hours of stirring for dissolution. 
It was, therefore» impossible to weigh a specific amount of the congilai, 
rapidly dissolve it» and study the subsequent aquation. 
For the above reason, a rapid dissolution technique was engiloyed for 
the aquatiw studies. "Riis technique consisted of adding excess solid 
[PtCl^Cen)] to a solution of inert electrolyte, 0.313 M NadO^, shaking 
for about 15 seconds, and filtering. A sample of the filtrate from such 
preparations was rapidly withdrawn using a pipet and placed in the spec-
trofdiotometric cell or in "the titration vessel, depending upon the ejqper-
iment to be conducted. Such a method requires, of course, a means of de­
termining the cmaplex condsntratian. To accomplish this end, solutions of 
various [PtdgCen)] concentrations were prepared la 0.31 Ô H Kd and thisir 
spectra recorded. ISie high chloride concentration engxloyed for these 
solutions essentially suppressed the aquation reactions of Equations 1 and 
2. Thus* such solutions provided a basis for the spectrophotometric deter­
mination of the concentration of the complez. The spectra of solutions 
varying in [PtCl2(en)] concentration in 0.316 U KCl are shown in figure 3* 
À plot of the absorbance at 300 nm exhibited by these solutions, versus 
the concentration of the complex, is shown in Figure 4. F2*om such datfi, 
was calculated a value of 230 ca'^ for the molar extinction coefficient 
of [PtC^Cen)] at 300 nm. This value was used for the spectrophotometzic 
determination of the complex concentration in solutions itich were pre^iared 
by the rapid dissolution technique. 
In the spectrophotometric method for studying the aquation, a sample 
prepared by the rapid dissolution technique was placed in the water-jacketed 
spectrophotometric cell, and the spectrum was recorded periodically. Since 
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Figure 3# Absorption spectra of solutions of [PtClgCen)] :in 0.318 H KCl. 
The spectra «ere recorded at 25»0®C using 5*00 cm cells. Tlae 
base line was recorded %lth the 0.318 U KCuL solution in botil 
reference and sanqile cells 
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Figure 4. Absorbance at ;(00 nm versus [PtdgCm)] concentration. Data 
taken from the spectra of Figure 3* Note the excellent adher­
ence to Beer's lav, whence: €q = 230 i 2 cm"^ 
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the decrease Ia absorbance at 300 nm during the aquaticsi was linear with 
time for approximately the first hour of reaction, extrapolation to "zero" 
time and deterncjiation of an initial slope were not difficult. It was 
possible to b^in the first spectral recording within six minutes after 
dissolution of the complex. The circulation of water from the thermostatic 
bath through the cell jacket established temperature equilibration of the 
sample within fifteen minutes and kept the tesçerature deviations during 
reactions to less than 0,1°C, 
The other method for studying the aquation utilized a pH-stat tech­
nique. In these e3g)eriments, a sample lAich had been prepared by the rapid 
dissolution technique was placed in the water-jacketed titration vessel 
within three minutes after dissolution and was allowed to thermally equil­
ibrate for ten minutes. The vessel was pre-heated by immersion in the water 
bath, and the ten minute equilibration period was shown to be quite ade­
quate. The pH-stat control was then b%un ty singly turning on the instru­
ment which had been set to maintain l^e desired The tltrator then 
effected the addition of NaŒ to neutralize the weakly acidic aquo species, 
as they were fonaed, in order to maintain the pH at the pre-selected value. 
It was found that, at a pS of 8, both chloride ligands would not be c<Ha-
pletely replaced by hydroxide* At pH values of 11 or 12, apparently more 
than two equivalents of hydroxide per platinum were consumed. The latter 
fact can only be explained in terms of hydroxide reaction with the ethyl-
enediamine ligand since no apparent decomposition was observed. At a pH of 
9, two hydroxides per platinum were quantitatively cmsumed. Independent 
of the final state of such pH-stat studies, one can obtain a value for the 
specific rate constant for the first aquation reaction of [PtCl2(en)] if 
23 
the initial complex concentration is known. For the experiments which pro­
ceeded to an unknown equilibrium condition, the complex concentration was 
determined spectrophotometrically, as described earlier, by simultaneously 
performing a spectrophotometric determination for the same sample. This 
was, in fact, the method idiich was used to verify that the reaction proceed­
ed quantitatively to the dihydroxo species at a pH of 9* That is, by 
assuming that two hydroxides per platinum had been caisumed at pH 9# 
could calculate the complex concentration from the final volume and con­
centration of the consumed NaOH. Such calculated complex concentrations 
agreed with the spectrophotometrically detezmined concentration, at a pH of 
9, to within five percent. 
Conducting two independent measurements of the specific rate constant 
for the first aquation reaction on the same sample and obtaining congruous 
values for both the complex concentration and the rate constant is, of 
course, gratifying. More such e:q)eriment8 would have bean performed vara 
it not for the fact that one can actually predict the value for the rate 
constant for the aquation reaction from the concentration equilibrium 
quotient and the reverse rate constant to well within the experimental 
accuracy involved in such studies. 
C. Anatim Kinetics for the Diaquo Species 
The rapidity of these reactions made conventional spectrophotometric 
methods inapfJicable; therefore stopped-flow spectrophotometry vas employed. 
The changes in absorbance during reactions, having been recorded as voltage 
changes on the oscilloscope screen, were subsequently photographically re­
corded. ^y utilizing water from a constant temperature bath, it was pos­
sible to control the temperature of the mixing chamber, lAdeh includes tha 
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two driving syringes, ndnng jet, and cuvette, to within 0,1 ®C of the de­
sired temperature. 
All of these reactions were conducted at an ionic strength of 0.32 H. 
The ionic strength ms adjusted with HdO^^, that is, the compleoc was orig­
inally dissolved in the 0*32 M HdO^. Ehçloymmt of either 0.318 M Nad 
or of a 50/50 volume mixture of the 0*318 M Nad and the 0*32 M Hdv^ pro­
vided the constant Ionic strength during the reactions. Reaction initi­
ation was accomplislied by the simultaneous injection into the cuvette of 
equal volumes of a complex solution and a chloride solution. 
For each experiment, two sweeps of the ten centimeter oscilloscope 
scale were recorded« The sweep rate, in all cases, was two seconds per 
centimeter. The absorbance was recorded at 285 nm to avoid any contri-
bution from the successive anation reaction. At this wavelength, the mono-
aquo and diaquo species exhibit an isosbestic point. 
Having obtained values for the specific rate constat for anation of 
the diaquo species based on a large number of similar experiments, it 
seemed advisable that ond provide a verifying experjument which was based 
upon a different technique. After all. it would indeed be distressful if 
the stopped-flow studies had actually been conducted on some reaction other 
than the assumed an,&tian of the diaquo species. To appease the pessimism 
of this worker, a corroborating espeximmt was conducted under second-order 
conditions. This experiment utilized a solution of the dihydroxo species, 
[Pt(0H)2(en)], Wiich was the result of a i^-stat study of the r&te of 
aquation, the addition of a minute volume of concentrated HdO^^ to this 
solution, rapid and compléta conversion to the diaquo speoies was effected. 
The resultant solution contained [Pt(H20)2(en}] ^  as the predominant complex 
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species. The return to an equilibrium, condition with respect to the re­
actions of B^uation 1 and 2 was observed spectrophotooetrically with the 
sample in the water^jacketed spectropaotaaetric cell. Sxperimentally, the 
technique i*ioh was employed was essentially the same as that used for 
spectrophotcsnetric studies of "Uie anation of the monoaquo species. 
D. Anation Kinetics for the Monoaquo Species 
These reactions were studied spectrophotometrically lAen chloride was 
added to solutions which were at equilibrium with respect to the reactions 
of Equations 1 and 2. Prior to the start of a reaction, a 15*00 ml sample 
of a conplex solution (in 0.318 M NaCLO^^) was placed in a small polyethylene 
bottle and the bottle was placed in a constant ta^erature bath, k 15*00 ml 
sample of 0.318 M NaCl, or of a 50/50 volume mixture of the 0.318 M NaCl and 
the 0.318 M NaClO^^, was placed in a similar bottle and this bottle was also 
placed in the water bath. The water-Jacketed spectroj^otometric cell was 
placed in the Gary spectroi^iotometer and water fron the bath was pumped 
through the cell jacket. 
To begin a reaction, one removed the two bottles from the bath and, at 
"zero" time, the contents of one was poured into the othw while simultan­
eously starting a timer. (Oie resultant solution was poured from one bottle 
to the other two moife times with swirling between pours. 1 spout was 
quickly fitted on tlie bottle containing the solution: the bottle was la-
verted; the first few milliliters of solution were discharged into a waste 
beaker; the cell was filled; and the spectrophotometer was turned on. The 
interval between time "zero" and the first spectral recording varied from 
0.45 to 0.75 minutes. For the first ten minutes of reaction the absorbanoe 
at 300 nm was recorded as a function of time. After ten minutes, the 
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entire uv spectrum was periodically recorded until approximately ten reac­
tion half-times had elapsed. 
The half-times of such reactions ranged fr(m two to ten minutes de­
pending upon the temperature and chloride concentration* Under similar 
conditions» the anation of the diaquo species proceeded with reaction half-
times from seven to twenty-nine seconds, respectively. "Die first data 
point for anation of the monoaquo species was taken at one minute after 
mixing; thus conversion of the diaquo species to the monoaquo species was 
essentially ooo^leted prior to this time. The high chloride to complex 
ratios lAich were employed during these studies assured one of essentially 
complete conversion to tiie dichloro complex» It should be noted, however, 
that definite and reproducible evidence of a minor ( <1^) reaction was ob­
served during these studies. Thus, one could continue to observe slow 
increases in absorbance at 300 nm for several days, at lAich time the spec* 
l2>a of such solutions agreed with those of solutions of [PtClgCea)] Wiioh 
had been dissolved ia 0.318 M KCl, to within the accuracy of spectrophoto-
metrio measurements. It was partially for this reason, axkd partially for 
convenience, that the "infinite" time readings for these studies of the 
anation of the monoaquo species were taken at approximately ten reaction 
half-times. 
A corroborating set of e^qperlments was performed using complex solu­
tions lAlch were prepared in 0.32 M HCIO^ rather than in 0*318 H NaClO^. 
Such experiments served to establish the pH independence of these reactions 
over the pH range of 1 to 5* The results of these four experiments were 
not used in the calculation of the specific rate constant for anation of 
the monoaquo species, but such results are listed with the others in Table 
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23 for conparison purposes. As can be seen from the values listed in that 
table, these four experiments provided an average value for which 
agreed with the average value from twelve independent experiments to within 
three percent, that is, to within one standard deviation. 
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IV. TREATMENT OF EXPSKDiaiTAl DATA 
A. ^^uatlon Sijuillbria 
The results of titrations of equilibrium solutions of [PtdgCen)] in 
water at a constant ionic strength are used to calculate the concentration 
equilibxlum quotients for both the first and the second successive aquation 
reactions. At the outset, it is assumed that the dissolution of the com­
plex in water results in the establishment of the simultaneous equilibria 
of Equations 1 and 2. 
It has been shown that the products of such aquation reactions involv­
ing similar platinum(Il) comgilezes are weak acids, titratable with NaOH (35-
43) s The existence of the spscific product species indicated in Equations 
I and 2 has been demonstrated Iqr other workers (51 )• 
For the purpose of further development, the following symbols are de­
fined: 
a = total eomplez concentration in mM units; 
= equilibrium concentration of the monoaquo species in mK 
units; 
= equilibrium concentration of the diaquo species in mM units* 
Assuming that one h;ydr%eii. of each water ligand is titrataUe with NaOH, an 
additional symbol, called the equilibrium titre, is defined by: 
T = equilibrium acid concentration in mM units. 
If the activities of the various species are given by the symbols: 
Aq = activity of [PtCl2(en)] ; 
a — v4 +.V Af F 
—^ — — - — Z J » 
a^^, = activity of [Pt(H20)2(en)]^; 
29 
a, = activity of CI"; 
then the themodynanic equilibrium constants for the reactions depicted in 
Equations 1 and 2 are respectively given by: 
and 
In terns of activity coefficients and concentrations. Situations 3 and 4 
become: 
' (%)(& - I, - y,) 
and 
The activity coefficients may be isolated, and Situations 5 and 6 may be 
written as: 
 ^ (6) 
%Aere the additional symbols are defined ly: 
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and 
Introduction of the corresponding concentration equilibrium quotients, 
and Kg, into Situations 7 and 8, followed by rearrangement, yields: 
K, = £°,/r, 
= („) 
(a - Ze " yg) 
and 
^ 
02) 
('e) 
VB.th the introduction of the definition of the equilibrium titre, T, the 
product of and Kg may be rearranged to yield a cubic equation in T as 
follows: In terns of the equilibrium titre, Equations 11 and 12 may be 
written as: 
(xJ(T) 
K. . (13) 
(a - T + y^) 
and 
^ (V 
the product being: 
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which, upon rearrangement, gives: 
(a - T)K^K2 = (yg)(f - . (l6) 
Further use of the definition of the equilibrium titre enables one to vrite 
Equation 14 in the form: 
(ye)(T) 
Kg , (17) 
(T - 2y^) 
which, upon rearrangement, yields: 
Kgl = (y@)(T + 2K^) . (18) 
Solution of %uation 18 for the equilibrium concentration of the diaquo 
species gives : 
Ye = —^ . (19) 
(T + ZKg) 
Substitution of the right-hand side of Equation 19 into %uation 16 then 
yields: 
(. - T)K,K, = . (ZO) 
(T + ZKg) 
Clearing Equation 20 of fractions and dividing through by yields: 
(a . T)K^(I + ZKg) = T(f - K^K^) , (21) 
which may be writtec. as: 
(a - T)TK, + (2a - T)^K2 = . (22) 
In the past, workers in this laboratory have utilized Equation 22 to 
evaluate the concentration equillorluDi quotients by tue aetennlnatlon of tne 
equilibrium titre, T, for two different values of total cosQ>lex concentra-
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tion, a, with the subsequent solution of the resultant pair of simultaneous 
equations in the two unknowns, K-j and (37-A-3). The values of and 
K21 so determined, have tlien been used to predict values of the equilibrium 
titres for solutions of other total complex concentrations. The agreement 
between such predicted values and the experimental values for T has been 
used as an indication of the consistency of the determined values for 
and Kg over the complex concentration ranges ^ Aich had been studied. ]^yp-
ically, the agreœient between such calculated and experimentally determined 
values for T has been within a few percent of the calculated value. 
It seemed to be at least intuitively obvious to this worker that Ijie 
values for and Kg vould be better defined if the method of their calcu­
lation utilized all experimentally determined (a,T) data points. Situation 
22 is a function of the two variables, a and T, and of the two parameters, 
CL and P, that is. Equation 22 may be written in the fora; 
F(a.T,a,/3) = + QT^ + (/3 - aC^T - 2a/3 = 0 , (23) 
where: 
a = K, , (24) 
and 
= K^Kg . (25) 
The form of Equation 23 suggested that a generalized least squares 
analysis, such as that described by Ventworth (52), patterned after the 
treatment of Dening (53), vould be applicable. To accomplish this end, a 
computer program was written to perform the least squares adjustment. The 
quantity lAich was minimized was the sum of wsighted squares of the 
differences between the experimentally determined and the least squares 
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adjusted values for T. The a values were assumed to be exact, a simplifi­
cation well justified by the fact that the errors in a values were an order 
of magnitude smaller than the errors in T values. (A rigorous development 
of the theory of least squares adjustment as applied to the function of 
Equation 23 is given in the Appendix.) The program was written to output 
the values of and Kg with their associated standard deviations. Also, 
by utilization of an Iowa State University Computation Center library sub­
routine which employs a Newton-Raphson iterative technique, the program 
solves the cubic Equation 23 for the values of T at each experimental value 
of a using the least squares values for and Kg. The percent differences 
between such calculated values for T and the experimentally determined T 
values were less than one percent of the calculated values in essentially 
all cases. The program also generates a plot of calculated T values versus 
a values and superimposes the experimentally determined (a,T) data points. 
The required input information consists of the (a,T) data points, the stan­
dard deviation of each T value, and initial estimates for K^ and Kg. 
The calculation of T from equivalent volume titration data is, of 
course, trivial and need not be outlined herein. However, certain comments 
related to the calculation of the standard deviations of the T values are 
pertinent. The standard deviation of each T was calculated using the usual 
fonnula for the propagation of errors ignoring the higher order and covar-
iance terms (53)« For a function of three variables, G(x,y,z), the appro­
priate equation for the standard deviation of the function, Cq, is; 
— r / ^  \ 9 / .«"v >2 / ^  ^ \ 0 / •—— V ^ ^ V o / .— / _ X \ 
^ Q - yj T vuu/ j" . KCOJ 
The titre is a function of the molarity of the base, of the equivalent 
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volume of the base, and of the sample volume. The standard deviation of 
the sample volume was taken as the manufacturer ' s tolerance of the pipet 
used to withdraw the sample. The standard deviation of the equivalent 
volume was calculated from Ijie experimental values according to the defin­
ing equation: 
CTy = [(2: IV, -V^l^)/(N.l)]^, (27) 
e i i 
where is the ith experimental value, is the mean value, and N is the 
number of measurements. The standard deviation of the concentration of the 
NaOH was calculated from an equation of the foxm of Equation 26 since, as 
determined, the concentration of the NaOH was a function of the concentra­
tion of the primary standard acid, of the volume of the primary standard 
acid solution, and of the volume of the base equivalent to tjie volume of 
the primary standard acid. Once again, the standard deviation of the vol­
ume of the base equivalent to the volume of the primary standard acid was 
calculated from the experimentally determined values according to the defin­
ing equation (Equation 27). The standard deviation of the volume of the 
primary standard acid solution was taken as t^e manufacturer's tolerance of 
the pipet lAich was used. The standard deviation of the concentration of 
the primary standanî. acid solution was calculated fran an equation of the 
foxm of Equation 26, since this concentration was a function of the meas­
ured weight of the acid, of the molecular weight of the acid, and of the 
volume of the flask Wiich was used to prepare the solution. Finally, the 
standard deviation of the volume of the flask was taken as the manufactur­
er's tolerance; the standard deviation of the molecular weight was taken as 
- 2 in the last place of the published value (5^): the standard deviation 
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of the measured weight was taken to be the balance manufacturer's published 
standard deviation. 
Thus, the computer technique employed by this worker provided a com­
pletely rigorous propagation of errors from first weight and volume measure­
ments through to the experimentally obtained values for the equilibrium 
titres. The values for the standard deviations of these titres were used 
to determine weights for the least squares adjustment according to the 
usual definition lAich states that weights are inversely proportional to 
the square of the errors (53)* The output errors for the concentration 
equilibrium quotients were those based on the "goodness of fit" of the data 
to the theoretical Equation 23 (53)» 
3. Aquation Kinetics 
Spectrophotometric experiments were analysed by an initial slope 
treatment. Since the reactions were initiated by dissolving pure complex, 
the initial rate of the reaction is given by: 
(dx/dt)Q = k^a , (28) 
where: 
X = the molar concentration of the monoaquo species; 
k^ = the specific rate constant for the first aquation of the 
dlchloro species In sec" units; 
a = the initial total complex concentration in molar units. 
The absorbance. A, of such a solution is given by: 
A = € Ql(a-x) + E^lx - € gla + ( € Q)lx , (29) 
I^apa: 
€ Q = the molar extinction coefficient of the dlchloro species in 
cm"^ units; 
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1 = the spectrophotometric cell path length in cm; 
€ ^ = the molar extinction coefficient of the monoaquo species in 
cm"^ units. 
Differentiation of Equation 29t followed by evaluation at time zero, gives; 
(dA/dt)Q = (e ^-€Q)l(dx/dt)Q , (30) 
lAich, i6en combined with Equation 28, yields: 
(€ p€o)l 
Thus, the specific rate constant may be evaluated from spectrophotometric 
data according to tiie equation: 
, m 
a ( €  
provided the extinction coefficients of both species are known for the 
wavelength of measuraaent. 
The value of 230 i 2 cm"^ at 300 nm for the extinction coefficient 
of the dichloro species was, as mentioned earlier, obtained from solutions 
of the complex in 0.313 M ^ 1. &iowing this, and the values for the con­
centration equilibrium quotients, one can evaluate the extinction coefficent 
for the monoaquo species from the spectra of aquo-equilibrium solutions of 
known total complex concmtratlons. ?rom the equilibrium studies, several 
such spectra were available and some of these are shown in Figure 5* The 
value for the extinction coefficiait of the monoaquo species at 300 nm was 
calculated to be 92 i 4 cm"\ As a result of such calculations, a 
value of 87 = 18 M"' oa"' for the extinction coefficiaat of the diaquo 
species at 300 nm was also obtained. The similar values for the two aquo 
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5. Absorptim spectra of solutions of [PtClgCen)] In 0.318 M NaClO/^, 
The spectra weae recorded at 25«0®C using 5.00 am cells. Tie 
base line was recorded with the O.3I8 M NaClO^  solution in 00th 
reference and sasqile cells,, Notice the effect of the greatar 
amount of aquation in the more dilute samples 
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species is of benefit in the spectrophotmetric study of the aquation at 
300 nm because small amounts of the successive aquation of the monoaquo 
species in the early part of the study will cause an undetectable effect. 
It is also very convenient, of course, that the magnitude of the quantity 
(€ j-Eg) is as large as it is (I38 cm"^) because the inherent error in 
the difference becœies less important as the magnitude of the difference 
increases. Nevertheless, the resultant value for does rely on the value 
of this difference in extliction coefficients which, in tum, is dependent 
on the values of the concentration equilibrium quotients. Even though this 
worker believes that and Kg are rather well defined, it is recognized 
that calculations of equilibrium concentrations of three species from such 
concentration equilibrium quotients is not very precise. Consideration of 
this, together with the fact that the absorbance changes during the li:iear-
change portions of such reactions were typically only about two tenths of 
an absorbance unit, leads one to the expectation that the resultant k^ will 
not be well defined. Such expectation is, in fact, boxne out by the ob­
served eagerimental scatter. 
3ie pH-stat experiments were also b%un with a solution of pure 
[PtClgCen)]. Any initial aquo species formed during the sample preparation 
antQ\ thermal equilibration period have no influence on the observed rato of 
l^roxide consumption. Assuming the acid-base neutralization involved to 
he effectively instantaneo is, one observes the reaction sequence ; 
[PtClgCen)] + H^O —> \PtCl(H^0)(en)1'^ + CI" : (33) 
[PtCKHgOCen)]-*" + OH- Z23L[PtCl(0H)(en)] + H_0 ; (3%) 
fast 
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CPtCl(OH)(Qa)] + HgO — [Pt(0H)(H20)(en)3'*" + CI" ; (35) 
[?t(0H)(H20)(en)]"^ + OIT gE|.[Pt(0H)2(œi)] + EgO . (36) 
The above reaction sequence is based on the known fact that the substitu­
tion of chloride by hydr03d.de in aqueous media occurs via the aquation 
mechanism (51 )• Obviouslj'', this worker also observed the hydroxide inde­
pendence. Initialled, the rate of reaction is given try Equation 28 which, 
for these experiments, is written as: 
(dx/dt)Q = -(d[CH-]/dt)Q = k^a . (37) 
What one measures in the pH-stat experiment is the amount of hydroxide re­
quired to offset the decrease in hydroxide concentration caused by the 
reactions of %uations 3^ and 36 as a function of time. Thus, in terms of 
more convenient experimental variables, the solution of Equation 37 for the 
specific rate constant is: 
, _ (38) 
V , a 
sample 
where: 
%aOH ~ volume increment of NaOH added to maintain pH-stat 
conditions in ml units; 
%aOH ~ concentration of the NaOH in molar units; 
^sample ~ volume of the conplex solution in ml units; 
a = the iiïitial total complex concentration in molar units. 
In both types of experiment, one requires a value for an initial slope, 
that is, for the initial rate of change of some measurable with time. One 
can obtain such an estimate by plotting the observable versus time and 
graphically evaluating the slope of the linear portion of the curve. IMs 
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worker chooses to avoid the estimation of any number from a hand-drawn plot 
because one invariably introduces human bias. In these cases, however, the 
experimental scatter was so large that it did not seem to matter if the 
slopes were obtained by this crude method. That is, although the data from 
each @q>erimemt defined an initial straight line somevdut satisfactorily, 
the agreement between experiments was quite unsatisfactoiy. The result of 
this shows up as a large standard deviation associated with the determined 
value for the rate constant. Once one has obtained values for (dÂ/dt)Q or 
(dVjjaCjj/dt)o, the calculation of ftom Siuation ]2 or JÔ, respectively, 
is straightforward. 
Because of the small volume increments involved in the pH-stat exper­
iments, such experinents were not expected to yield results of much more 
accuracy than the spectrophotometric experiments. Hence, the results f^om 
all experiments at a given tanperature were averaged together without 
weighting and a standard deviation was calculated. 
C« ilnation Kinetics for the Diaquo Species 
The [?tCl2(€n)] solutions utilized in these reactions had been allowed 
to reach equilibrium with respect to the reactions of Equations 1 and 2. 
Upon initiation of a reaction by mixing such an equilibrium solution with a 
chloride solution, chloride ions replace aquo ligands in aa approach to a 
new equilibrium condition for these reactions. ^ observing the absorbance 
change at 285 nm, an isobestic point for the reaction of Equation 1, one 
can eliminate any effect due to anation of the monoaquo species. The fact 
that the chloride ion concentration was always at least I50 times the total 
complex concentration assured the existence of pseudo first-order condi­
tions. Since the observed pseudo first-order rate constant for the anation 
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of %Tiation 2 is two orders of magnitude larger than the first-order rate 
constant for the aquation reaction of %uation 2, one can neglect the 
latter term in the rate repression. (It might also be noted that the 
observed pseudo first-order rate constant for the anation of the diaquo 
species is at least one order of magnitude greater than the observed pseudo 
first-order rate constant for the anation of the monoaquo species.) Thus, 
under the experimental conditions, these reactions are adequately governed 
by the rate lav: 
dy/dt = -lc.2[Cl"']y = -^obsd.y • (3?) 
where: 
y = the molar concentration of the diaquo species; 
k_2 = the specific rate constant for anation of the diaquo species 
in sec"^ units; 
[Cl*] = the molar concentration of chloride ion; 
^obsd ~ observed pseudo first-order rate constant for anation of 
the diaquo species in sec"^ units. 
The observed rate constants were determined according to the method of 
Guggaiheim (55) frou the slopes of plots of log(V^^^^-V^) versus t. In 
its application here, (V^^^^-V^) is the vertical difference between tlie 
successive oscilloscope sweeps, the recorded voltage at any time, o:r 
^t+3t, linearly related to the concentration of the diaquo species. 
All data was fit by a least squares analysis to the equation: 
k 
""— ' * " t + constant , (40) 
^ In(IO.O) 
with the subsequent evaluation of from; 
^obsd, " " (slope)ln(IO.O) . (41) 
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For the purpose of error propagation, an error of i 0,02 (arbitrary-
units ) in each V was assumed and then propagated unto the quantity 
log(V^^g^-V^), Calculation of weights was based on their assignment, 
according to the definition, as inversely proportional to the square of the 
error. Since the time-axis of an oscilloscope is rather precise, the 
assumption that t was exact seaned justified. Individual values for the 
observed rate constant, calculated from Equation 41, were assigned weights 
based on the "goodness of fit" of the Guggenheim plots. Since the accuracy 
of such experiments was expected to decrease as the halide ion concentration 
was decreased, a weighted average value for was calculated for each 
temperature and halide ion concentration . From such weighted averages, 
the associated errors were calculated from the definition of a standard 
deviation by replacing the average value in the definition wi-Ui the exper­
imentally determined weighted average value. 
Specific rate constants were calculated from the observed rate con­
tants by means of the relationship contained within Equation 39* In cases 
where, at a given temperature, two average values for with their related 
errors were detennined, a grand mean (56) and its associated error were 
evaluated. 
For the corroborating experiment, performed under second-order condi­
tions, a solution of known total complex concentration, a, was forced to 
completely dihydroxo c<mpl@x by means of a pH-stat experiment. A smalT. 
amount of concentrated acid was then added and the approach to an equilib­
rium condition was observed according to the reaction: 
[Pt(H20)2(an)]2+ +01"= [PtCl(H20)(en)]"^ + HgO . (42) 
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If the successive step, the conversion of the monoaquo species to the 
dichloro species, is ignored, the rate of the reaction of Equation 42 is 
given l^y; 
dx/dt = k_2(a-x)(2a-x) - , (4-3) 
where: 
k2 - the specific rate constant for aquation of the monoaquo 
species in sec'^ units; 
and the other terms are as previously defined. Since the value for the 
concentration equilibrium quotient, Kg, is known, the rate expression of 
Equation 43 may be used to determine the desired specific rate constant. 
Thus, upon substitution of the e3q)ression: 
kg = ^ 2^ .2 ' 
into the rate expressions one has: 
dx/dt = k_2(2a~-3axtx^-K^) 
= k^gEx^-(3a+K2)r*-2a^] . (45) 
Separation of the variables yields: 
dx 
= k_gdt . (46) 
x^ - ( 3&+K2 )x+'2a^  
Integration of %uation 46 from (0,0) to (x,t), followed rearrangement, 
yield: 
[2x-(3a+K2)-q][2xo-(3a+K2)+q] 
In = qk o(t-tQ) , (47) 
[ 2x-(3a+K2)+q][ 2xo-(3a+K2)-qJ 
where: 
n 1 
q = (â^-^âKg+K2^)2 . (48) 
The above expression may be simplified by introducing the equilibrium 
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concentrations. At aqxiilj-brium, dx/dt = 0, thus, form Sjuation 45: 
x^ 2.(3a+iC2)x^ +2a2 = 0 , (49) 
which gives for the equilibrium concentration of the monoaquo species; 
, (50) 
where it can easily be shown that only the minus sign has fjiysical signif­
icance. Substitution of the equilibrium value frcm %uation 50 into the 
rate expression of Siuation 47 gives; 
. (51) 
(x-XQ)(xo-ZQ~q) 
Now, for spectrophotometric data, we have that: 
A = € 2l(a-x) + € ^ 1% 
= Egla + (E^-Eg)!! , (52) 
thus: 
A - € ^  
X — . (53) 
i(e i-Gz) 
where: 
Eg " the molar extinction coefficient of the diaquo species in 
cm"^ units; 
and the other terms are as: previously defined. Substitution of the right-
hand side of Equation 53 into Equation 51* followed the collection of 
first-order and of second-order terms, gives: 
^5 
H 
(A^) 1 
(5^) 
Thus, ly plotting, on s ami.-log paper, the value of the quantity on the 
left-hand side of B^uation 5^ versus (t-t^), one can obtain a value for the 
specific rate constant from: 
0.693 
-^2 = (55) 
qt.L 
i6ere ti. is the half-time. 
D. Aiiation Kinetics for the Monoaquo Species 
Since the anation of the diaquo species was essentially completed by 
the time data was taken for anation of the monoaquo species, it was neces­
sary to consider only the reversible reactions of Equation 1 in the anal­
ysis. The rate of the observed reaction may be expressed as: 
-dz/dt = k_^[Cl"]x - k^(a-x) , (56) 
làiere: 
k w = the specific rate constant for anation of the monoaquo 
— I 4 
species in sec"' M" units; 
and all other terms are as previously defined. The rate law of Equation 5^ 
may be written as: 
dx/dt = k^a - k^^gj z , (57) 
idiere, for these reactions, the observed rate constant is given by: 
W = "l + ".,[01-]. (58) 
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Equation 5^ may be witteo, in the form: 
\ / 
di 4* 
dt * " 
obsd. 
= -k 
obsd. X « 
kia 
obsd,J 
(59) 
The variables may now be separated and the equation integrated as: 
k.a 
X dix ! i ,t 
obsd,/ _ 
X -
k^a 
Sbsd,, 
(60) 
whence: 
X -
k^a 
k^a ^ 
(61) 
obsd,^ 
Sjuation 6l is more convenient idien written in terms of the equilibrium 
concentration of the monoaquo species. At equilibrium, dx/dt - 0, thus, 
from Equation 57• we have that: 
"l® = "obsd/e • (62) 
Substitution of %uation 62 into Equation 6l yields: 
la (63) 
- S 
In terms of the measured fibsorbance. A, i6ich is directly proportional to 
the concentration of the monoaquo species, Equation 63 becomes: 
/ A - A" 
In 
Ao - Ae 
= -K 
obsd. 
^7 
which, in terms of the fraction of the total change, F, is: 
In(l-F) = (t-tg) , (65) 
where F is defined by: 
\ . (66) 
-©/ 
As mentioned earlier, the first data point was taken at one minute 
after mixing. This time delay allowed for essentially ccmplete conversion 
of diaquo species to monoaquo species and provided for re-establishmoit of 
thermal equilibrium. The absorbance readings (recorded at 3OO nm) and the 
corresponding values for At (At measured from one minute after mixing) 
were the raw data. An error of i O.OO5 in absorbance readings was assumed; 
the time intervals irere taicen to be exact since the time-axis drive of the 
recorder was a rather precise device. Such data were used as input for a 
computer program lAieh calculated tha corresponding log(l-F) values, prop­
agated the assumed error, calculated weights, and performed a least squares 
adjustment to fit %uation 65. The output values for the observed rate 
constant were calculated frcsn: 
^obsd. " "(slope)ln(10.0) , (6?) 
where the slopes of the plots of log(l-F) versus At resulted from the 
weighted least squai*as adjustments. The errors associated with the slopes 
were those based on the "goodness of fit" and such errors were then prop­
agated unto the values for the observed rate constant. Those resultani; 
errors for values ware used only to determine weights for the cal­
culation of a weighted average value for . The standard deviations 
from, such weighted averages ware then calculated from the definition of a 
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standard deviation by replacing the average value in that definition with 
the weighted average value. 
From Bguation 53» since is known from the results of the aquation 
studies, the value for k_^ is calculated as: 
k , = . (68) 
[CI-] 
Errors were propagated unto k_^ values, and a grand mean was evaluated at 
each temperature studied. The errors associated with these grand means 
were those given the definition (56)» 
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Y, RESULTS 
À. Aquation Squilibria 
Typical titration curves for 25«00 ml samples of equilibrium aqueous 
soluticaas of [PtClgCen)] are shown in Figure 6, The equivalent volume was 
taken as the volume at the inflection point of such curves. The inflection 
points were located by linear interpolation of the seccaad differential 
change, that is, by linear interpolation of the quantity: ACApH/Av). In 
the application of this method, the volume increments at v^ch the pH was 
read were two percwt of the total volume of the burette. The same method 
was employed for standardization of the NaOH; however, since the titration 
curves for the standardization of NaOH with KHP were steeper near the 
equivalence points, the pH was read using one percent volume increments. 
This worker highly recommends the method used for determining the inflec­
tion points of titration curves since it is easy to employ and does not 
require the plotting of any data. In this worker's opinion, any method 
lAich employs the plotting of data introduces a natural bias because one 
subconsciously plots data to give the least amount of experimental scatter 
as is possibly/" allomble by the plotting technique. Whenever this worker 
has been forced to use a graphical method of determining a desired quantity, 
a least squares fit has bean employed. 
Ihe results of equilibrium studies are given in Tables 4 through 10 
herein the calculated titre values are the least squares adjusted values. 
Figure 7 shows a typical least squares plot of Equation 23 with the (a,T) 
J . J -  « — — — J —— ^ ^ A 4 4 M MM A M ^ 
values for the concentration equilibrium quotients together with the 
50 
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9.0 
8.0 
7.0 
6.0 
5.0 
4.0 
0.0000 0,1250 0.0500 0.0750 0.1000 
ml 0.1 M NaOH 
Figure 6. ^rpioal titration curves for 25*00 ml samples of equlUbriuii 
aqueous solutions of [PtClgCm)] 
a = curve for one of the titrations used to determine the titre 
for 0.20021 mM sample at 30.0^ 0 
b = curve for one of the titrations used to determine the titre 
for 0.40056 mM sample at 25*0^C 
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Table 4. Results of first equilibrium study at 
a T T Percent 
( experimental ) (calculated) difference 
1.0019 0.8913 0.8909 0.042 
0.80152 0.7536 0.75% 0.101 
0.60114 0.6093 0.6066 0.447 
0.40076 0.440 0.4435 0.792 
0.20038 0.257 0.2562 0.298 
0.10019 0.145 0.1456 0.420 
Table 5* Results of second equilibrium study at 35.0°C 
a T T Percent 
(aqierimsntal) (calculated) difference 
1.0261 0.9034 0.9024 0.115 
0.82085 0.7622 0.7642 0.260 
0.61564 0.6159 0.6146 0.207 
0.41043 0.452 0.4495 0.555 
0.20521 0.259 0.2598 0.314 
0.10261 0.148 0.1478 0.142 
Table 6. Results of third equilibrium study at 35*0°C 
a T T Percent 
(experimental) (calculated) difference 
1.0079 0.8886 0.8898 0.135 
0.80635 0.7498 0.7512 0.182 
0.60477 0.5999 0.6018 0.308 
0.40318 0.442 0.4379 0.945 
0.20159 0.249 0.2515 0.997 
0.10079 0.139 0.1427 2.590 
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Table 7. Results of first equilibrium study at 
a T T Percent 
(axperimmtal) (calculated) difference 
1.0060 0.8742 0.8728 0.155 
0.80483 0.7426 0.7424 0.026 
0.60362 0.5994 0.6003 0.146 
0.40242 0.439 0.4419 0.667 
0.20121 0.258 0.2576 0.170 
0.10060 0.147 0.1470 0.011 
Table 8. Results of second equilibrium study at 30.0°C 
a T T Percent 
(experimental) (calculated) difference 
1.0010 0.8749 0.8777 0.314 
0.80083 0.7507 0.7442 0.868 
0.60063 0.6007 0.5995 0.196 
0.40042 0.437 0.4393 0.527 
0.20021 0.255 0.2545 0.179 
0.10010 0.143 0.1449 1.327 
Table 9. Results of first equilibrium study at 25.0°C 
a T T Percent 
(experimental) (calculated) dlffermce 
1.0008 0.8589 0.8572 0.196 
0.80064 0,728? 0.7299 0.159 
0.60048 0.5882 0.5909 0.455 
0.40032 0.436 0.4357 0.059 
0.20016 0.255 0.2545 0.138 
0.10008 0.146 0.1455 0.316 
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Table 10. Results of second equilibrium study at 25»0°C 
a T T Percent 
(experimental) (calculated) difference 
1.0014 0.8673 0.8667 0.072 
0.80113 0.7321 0.7335 0.196 
0.60085 0.5917 0.5895 0.376 
0.40056 0.429 0.4306 0.374 
0.20028 0.251 0.2486 0.973 
0.10014 0.138 0.1415 2.448 
weighted average values. 
In the calculation of a weighted average, the numbers lAich are aver­
aged are either statistically consistent or statistically inconsistent. 
The same foxnula is valid in both cases, namely: 
l'A 
Z = . (69) 
i 
lAerein X is the weighted average; is the weight of the ith value, taken 
to be inversely proportional to the square of the error of the ith value; 
^ is the ith value. The errors associated with such weighted averages are, 
however, not given a single equation. (The reader is referred to any 
text that treats the statistical adjustment of data for verification of the 
above statements.) For weighted averages given in this work, both ways were 
used to calculate the errors and the larger errors have been listed in all 
cases. 
5^ 
1.00 
0.80 
0.60 
T (aM) 
0.40 
0.20 
0.00 
0.60 0.80 0.00 0.20 1.00 
a (nM) 
Figura 7« Laast squares plot of Eijaatlon 23 with the (a,T) data pointti 
superimposed for the data of Table 6 
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Table 11. Summary of results for the concentration equilibrium quotients 
T°C X 103 M cr_ X 10^ M 
*1 
Kg at 10^ il cr„ X 10^ M 
^2 
35.00 2.76 0.08 1.41 0.04 
2.73 0,06 1.37 0.04 
2.96 0.18 1.18 0.07 
Vlhtd. ave. = 2.76 0.05 1.38 0,05 
30,00 2.30 0.04 1.51 0.03 
2.55 0,10 1.39 0,05 
«ltd. ave. = 2.33 0,09 1.48 0,05 
25.00 2,16 0,04 1.47 0,03 
2,60 0,15 1,18 0,07 
Whtd, ave. = 2.19 0.11 1,43 0,11 
B. Aquation Kinetics 
Some of the spectra vhich were recorded during a typical spectrophot-
metric study of the aquation are shown in Figure 8. A plot depicting the 
change in absorbance at 300 nm during the early portion of this experiment 
may be found in Figure 9* All pertinent data frcm such experiments are 
listed in Table 12. ]h this table, are included the values for the specific 
rate constant calculated according to Equation 32. 
The data from pH-stat experiments are listed in Table 13* In Table 13, 
are included the values for calculated, in this case, from Equation 38, 
k plot of the rate of hydroxide consumption during a ^^ pical pH-stat azper-
iment appears in Figure 10. Frcsa all aquation experiments, an average value 
for was calculated at each temperature studied and appear in Table 14. 
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Figure 8. Spectral changes during aquation of 0.323 nM sample of 
[PtClgCen)] in 0,318 M NaClO^. The spectra %re recorded at 
30,0°C using 10.0 om cells. The base line vas recorded with 
the 0.318 M NaCIO/^ solution in both reference and sample cells, 
a = recorded 6 minutes after dissolution 
b = recorded 2 hours after dissolution 
c = recorded 4 hours after dissolution 
d = recorded 22 hours after dissolution 
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Figure 9« Change in absorbance at 3OO nm during the early portion of the 
experiment fraa which the spectra of Figure 8 were taken. The 
values of (dA/dt)^ were determined from plots such as this 
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Table 12. Sumaary of results from spec trophotome trie studies of aquation 
kinetics. All absorbance data was taken at 300 nm vdxere: 
(6 |-€o) = 138 cn"^  
T (clA/dt)o 4) a 1 k, X 10^ 
(°c) (10^ sec"1) (mM) (cm) (sec"1) 
35.0 5.50 0.864 0.376 10.0 11. 
66,3 0.986 0.428 10.0 11. 
87.4 1.54 0.670 10.0 9.5 
30.0 2.50 0.742 0.323 10.0 5.6 
2.93 0.840 0.365 10.0 5.8 
2.73 0.752 0.327 10.0 6,1 
3.07 0.930 0.405 10.0 5.5 
3.02 0.919 0,400 10.0 5.5 
25.0 1.07 0.588 0.512 5.00 3.0 
2.50 1.25 1.09 5.0c 3.3 
Table 13* Summary of results from pH-stat studies of aquation kinetics. 
The sample volume was 25*00 ml in all experiments 
T pH a %aOH k^ X 10^ 
(°c) (10^ ml sec-'') (mM) (sec**^ ) 
35.0 6.33 8.5 0.313 0.1370 11. 
9.83 9.0 0.480 0.1370 11. 
7.00 9.0 0.373 0.1370 10, 
5.80 8.0 0.238 0,1370 13. 
30.0 4.80 8.0 0.323 0.1365 8.1 
5.83 8.0 0.365 0.1345 8.6 
5.33 8.0 0.327 0,1321 8,6 
3.08 8.0 0.405 0,1262 3.8 
3.49 8.0 0.400 0.1262 4.4 
25.00 10.9 10.0 1.09 0,1082 4.3 
3.28 11.0 0.802 0.2034 3.3 
3.33 10.5 0.802 0.2034 3.4 
-3 4 A 10.0 0c802 0-903Ù. 1.2 
3.16 9I5 0.802 0.2034 3.2 
4.38 11.0 1.00 0.2034 3.5 
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Figure 10. Hydroxide consumption during hydrolysis of [PtClgCan)]. The 
values of were determined fron original recorder 
plots or Arom data taken from the digital read-out of the 
automatic burette as a function of time 
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Table 14. Summary of the experimentally determined weighted average values 
for the specific rate constant for aquation of the dichloro 
species 
Constant Value T°C 
kj X 10^ sec"^ 11. — 1. 35.0 
6.2 ± 1.7 30.0 
3.4 ± 0.4 25.0 
C. ^nation Kinetics for the Diaquo Species 
%rploal results from a stopped-flow kinetics eag>eriitient are illustra­
ted by the photograph of an oscilloscope trace shown in Figure 11 and by 
the associated data of Table 15* The corresponding Guggenheim plot is to 
be found in Figure 12 lAerein the solid line is the least squares line and 
the eiiqperimeaital data points are superimposed. In Tables 16, 1? and 18, 
the results of all such experiments are tabulated; the resultant weighted 
average values for are included. The values for k^2» together with 
their weighted averages and errors, are listed in Table 19. 
The spectra at various times during the second-order experimait are 
shown in Figure 13» lAerein the first recorded spectrum should very closely 
approximate that of pure diaquo species. These spectra were recorded at 
30.0°C and the data used for the calculations were taken at 255 xun. From 
this experiment, the value for the specific rate cwstant for anation of the 
diaquo species was calculated to be: 3*95 % 10"^ sec"^ The agreement 
witii tne weighted average value of 4,18 x 10~' see"^* obtained from i6 
stopped-flow experiments is somenduit fortuitous, especially in consider-
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Figure 11. Photograph of oscilloscope trace for the first experiment of 
Table 16 (sweep rate = 2 seconds/cm) 
Table 15» Raw data as read frcxn the photogra#i of Figure 11 for the first 
experiment of Table 16. The V in this table is an abbreviation 
At(sec) V log(V) 
^log(V) Weight 
0.00 2.96 0.47129 0.00440 1.0000 
2.00 2.54 0.40483 0.00513 0.7364 
4.00 2.10 0.32222 0.00620 0.5033 
6.00 1.82 0.26007 0.00716 0.3781 
8.00 1.5^  0.18752 0.00846 0.2707 
10.00 1.36 0.13354 0.00958 0.2111 
12.00 1.14 0.05690 0.01143 0.1483 
14.00 1.00 0.00000 0.01303 0.1141 
16.00 0.88 -0.055% 0.01481 0.0884 
18.00 0.78 -0.10791 0.01670 0.0694 
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Figure 12. Guggenheim plot for the data of Table 15 corresponding to the 
first experiment of Table 16. The solid line Is the least 
squares line and the points are e]q>erimental data. The V of 
this figure is an abbreviation for 
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Table 16. Summary of results for anation of the diaquo species at 35.0°C. 
In this and the following two tables, the errors listed for the 
observed rate constants are those based on the "goodness of fit" 
of the Guggenheim plots. Such errors were used only for weight­
ing in the calculation of the listed weighted averages. The 
errors associated with the weighted average values are standard 
deviations which were calculated from the definition 
Complex Chloride 
(mM) (M) 
"obsd. ^  
(sec-1) 
Q-y. X 10^ 
obsd. 
(sec-1) 
0.50032 0.159 7.73 0.14 
6.89 0.22 
6.70 0.17 
7.46 0.11 
7.87 0.17 
6.61 0.11 
6.80 0.16 
7.19 0.15 
7.16 0.19 
0.40024 8.12 0.29 
8.44 0.14 
7.48 0.24 
8.46 0.18 
7.09 0.09 
O.3OOI8 7.87 0.16 
9.07 0.12 
8.33 0.23 
10.52 0.24 
8.62 0.10 
Weighted average - 7.73 0.97 
0.50032 0,0795 4.99 0.16 
5.47 0.17 
4.67 0.81 
0.40024 4.73 0.10 
4.99 0.12 
3.12 0.15 
0.30018 5.78 0.10 
5.73 0.20 
5.39 0.19 
Vfeighted average = 5.02 0.79 
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Table 17* Sussoary of results for anatlon of the diaquo species at 30.0°C 
Cessiez Chloride 
"ob^ d. 10' 0". X 10^  
•^ obsd. 
(mM) (M) (sec-l) (sec-l) 
0.50032 0.159 6.94 0.08 
5.90 0.10 
6.20 0.10 
6.53 0.07 
6.25 0.10 
0.40024 6.63 0.09 
6.81 0.14 
7.65 0.12 
6.26 0.15 
6.35 0.18 
0.30016 6.03 0.18 
7.58 0,08 
7.16 0.25 
6.62 0.06 
Weighted average = 6.67 0.53 
0.50032 0.0795 3.23 0.16 
3.77 0.12 
0.40024 3.40 0.12 
2.37 0.16 
Weighted average = 3.30 0.61 
ation of the assumptions Involved in treating the second-order data. 
Nevertheless, the «q}erimeint does offer valuable support to the fact that 
one had actually observed anation of the diaquo species in both cases. 
D. Anation Kinetics for the Monoaquo Species 
The raw data from a typical experiment, together with the associated 
v*lêul«ueà values and their errors, are listed in Table cO, The corres­
ponding log(l-F) plot appears in Figure 14. All pertinent data and resul-
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Table 18. Summary of results for anation of the diaquo species at 25.0°C 
Complex Chloride k , x 10^ (Ti. x 10^ 
obsd. 
(mM) (M) (sec"^) (sec"^) 
0.50032 0.159 
0.20012 
Weighted average = 
5.92 0.17 
5.32 0.14 
5.85 0.10 
5.35 0.10 
4.40 0.07 
4.46 0.14 
5.25 0.18 
4.65 0.11 
4.59 0.18 
4.31 0.13 
5.10 0.12 
5.37 0.05 
4.10 0.08 
4.87 0.08 
4.83 0.10 
4.95 0.55 
Table 19* Summazy of the esqierimentally determined values for the specific 
rate constant for anation of the diaquo species and the weighted 
average values. The first entry at a given temperature is the 
value obtained frcn. experiments with a chloride ion concentra­
tion of 0.159 K. The second entry at a given tmiperature is the 
value obtained from e^qwiments with a chloride ion concentra­
tion of 0.0795 M 
T k_2 X 10^ cr^  X 10^ 
-2 
.^2  ^'o' or- X 10^ 
-2 
(*C) (sec-1 M-1) (sec-1 M-1) (sec-l M-1) (sec-^ M-1) 
35.0 4.86 0.61 5.24 0.65 
6.32 0.99 
10.0 Zt. l Q  21.1A 
4.15 0.72 
25.0 3.11 0.35 3.11 0.35 
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Figure 13. Spectral changes during anation of 0.512 nM san^ e of the 
diaquo species, [Pt(H20)2(en)] The spectra were recorded at 
30.0°C using 10.0 cm cells. 
a = recorded 0.6? minutes after addition of HCIO^  
b = recorded 8.33 minutes after addition of HCIO^  ^
c = recorded 20.3 minutes after addition of HCIO^  
d = recorded 35*3 minutes after addition of HCLO^  
 ^  ^^ J O f  ^ ^ M A J Tjf 
f = recorded 233* minutes after addition of HC10|^  
6? 
Table 20. Raw data for the first experiment of Table 21 
At 
(min) 
3^00 nm (1-F) log(l-F) 
^log(l-F) Weight 
0,00 0.749 0.342 1.000 0.00000 0.00898 1.0000 
0.25 0.778 0.313 0.915 -0.03848 0.00942 0.9081 
0.50 0.807 0.284 0.830 -0.08071 0.01002 0.8026 
0.75 0.833 0.258 0.754 -0.12241 0.01074 0.6985 
1.00 0.858 0.233 0.681 -0.16667 0.01166 0.5929 
1.25 0.878 0.213 0.623 -0.20565 0.01261 0.5070 
1.50 0.899 0.192 0.561 -0.25073 0.01389 0.4181 
1.75 0.917 0.174 0.509 -0.29348 0.01529 0.3451 
2.00 0.932 0.159 0.465 -0.33263 0.01674 0.2877 
2.25 0.948 0.143 0.418 -0.37869 0.01868 0.2310 
2.50 0.961 0.130 0.380 -0.42008 0.02065 0.1890 
2.75 0.971 0.120 0.351 -0.45485 0.02249 0.1594 
3.00 0.982 0.109 0.319 -0.4^ 60 0.02493 0.1298 
3.25 0.991 0.100 0.292 -0.53403 0.02735 0.1078 
3.50 0.999 0.092 0.269 -0.57024 0,02992 0.0901 
3.75 1.007 0.084 0.246 -0.60975 0.03300 0.0741 
4.00 1.018 0.073 0.213 -0.67070 0.03837 0.0548 
4.25 1.024 0.067 0.196 -0.70795 0.04207 0.0456 
4.50 1.030 0.061 0.178 -0.74870 0.04651 0.0373 
20.67 1.091 
tant values, their weighted averages and errors are given in Tables 
21, 22 and 23* Table 24 lists the calculated values, their weighted 
averages and errors. 
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1.00 
0.80 
0.60 
0.40 
log(l-F) 
0.20 
0.10 
4.00 5.00 0.00 3.00 1.00 2.00 
At (minutes) 
Figure 14 Log(l-F) plot for the data of Table 20 corresponding to the 
first experiment of Table 21. The solid line is the least 
squares line and the points are experimental data points 
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Table 21. Summary of results for anation of the monoaquo species at 35«0°C. 
In this and the following two tables, the errors listed for the 
observed rate constants are those based on the "goodness of fit" 
of the log(l-F) plots. Such errors were used ozily for weighting 
in the calculation of the listed weighted averages. The errors 
associated with the weighted average values are standard devi­
ations which were calculated from the definition 
Complex 
(mM) 
Chloride 
(M) 
4 
(min) 
^obsd. * 
(sec-1) 
CTj. X 103 
obsd. 
(seo-1) 
0.50395 0.159 1.82 6.36 0.02 
1.81 6.39 0.02 
1.78 6.50 0.01 
1.79 6.44 0.02 
1.85 6.23 0.02 
0.40316 1.83 6.32 0.02 
0.30237 1.87 6.18 0.02 
1.84 6.27 0.03 
0.20158 1.89 6.13 0.03 
Weighted average = 6.36 0.13 
0.50395 0.0795 3.37 3.42 0.01 
3.46 3.34 0.01 
0.40316 3.41 3.39 0.01 
0.30237 3.38 3.42 0.02 
0.20158 3.54 3.26 0.02 
Weighted average = 3.38 0.07 
70 
Table 22» Summary of results for anation of the uionoaquo species at 30.0°C 
Complex Chloride 
4 k.bsd. == 
(aM) (M) (min) (sec~^) (sec-1) 
0.50052 0.159 2.89 4.00 0.02 
2.89 4.00 0,02 
2.91 3.98 0.02 
2.88 4.01 0.02 
2.90 3.99 0.03 
2.88 4.01 0.02 
0.40041 2.86 4.05 0.01 
2.95 3.91 0.02 
0.30031 2.95 3.92 0.03 
3.01 3.84 0.03 
0.20021 3.01 3.84 0.03 
3.07 3.76 0.02 
Weighted average = 3.98 0.10 
0.50052 0.0795 5.47 2.11 0.01 
5.61 2.06 0.01 
0.40041 5.41 2.13 0.01 
0.30031 5.46 2.11 0.01 
0.20021 5.70 2.03 0.02 
Weighted average = 2.10 0.04 
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Table 23* Summary of results for anation of the monoaquo species at 25.0°C, 
The last four experiments listed in this table were conducted in 
HGiO/j. solution (rather than NaClO^^) to verify the pH independence 
of the reaction. The results fron these four experiments were 
not used in calculating the specific rate constant 
Complex Chloride 
4 "obsd. == °"!=obsd. = 
(mM) (M) (min) (sec"^ ) (sec"^ ) 
0.50070 0.159 4.74 2.44 0.011 
4.51 2.56 0.008 
4.64 2.49 0.009 
4.61 2.51 0.010 
4.66 2.48 0.005 
4.57 2.53 0.008 
4.60 2.51 0.007 
0.40056 4.77 2.42 0,005 
0.30042 4.68 2.47 0.006 
4.62 2.50 O.O83 
0.20028 4.75 2.43 0.105 
4.88 2.37 0.085 
Weighted average = 2.48 0.05 
0.50020 0.0795 8.96 1.29 0.003 
0.40016 8.88 1.30 0.006 
0.30012 9.13 1.27 0.005 
0.20008 10.15 1.14 0.010 
Weighted average = 1.28 0.08. 
0.50032 0.159 4.40 2.63 0.006 
0.40024 4.59 2.52 0.005 
0.30018 4.52 2.56 0.007 
0.20012 4.60 2.51 0.011 
Wsighted average = 2.56 0.05 
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Table 24. Summary of the experimentally detenoined values for the specific 
rate constant for anation of the monoaquo speoies and their 
weighted average values. The first entry at a given temperature 
is the value obtained frcm e^iariments with a chloride ion con­
centration of 0.159 H. The second entry at a given temperature 
is the value obtained from experiments with a chloride ion con­
centration of 0.0795 H 
T X 10^ CTj^ X 10^ 
-1 
X 10% 
(°C) (sec-1 r^) (sec-"" (sec-l M-1) (sec-l M-1) 
35.0 3.93 
4.11 
2.47 
2.57 
1.5k 
1.57 
0.08 
0.09 
0.06 
0.05 
0.03 
0.10 
4.01 0.09 
30.0 2.53 0.05 
25.0 1.5^  0.03 
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VI. DISCUSSION 
A. Spectra 
A Gaussian analysis was performed for the spectrum of a solution of 
the complex in high chloride. It is interesting to note the remarkable 
similarity between the locations of the absorption bands in the visible and 
ultraviolet regions for [PtClgCen)] and cis-fPtCloCNH^)^]» Such a compar­
ison is given in Table 25» %ually interesting is the fact that the bands 
Table 25. Frequency of maxima (y x 10^ cm"^), extinction coefficients at 
the (€ cm"^) and half-widths of the bands (Ui x 10^ 
cm"^) in the Gaussian analysed spectra of aqueous solutions of 
cis-fPtClo(HH|g)2l and [PtCl2(en)]. The values for the ammine 
complex are those of Chatt, st al. (20) 
ois-iPtClcCNS^)^! [PtCl2(sn)] 
u € z/i U € 
2.40 3.2 0.16 2.49 12 0.30 
2.73 23 0.23 2.73 31 0.36 
3.31 128 0.22 3.32 226 0.40 
3.72 68.5 0.21 3.69 94 0.36 
3.9 10 
4.76 4500 4.3 2000 
for the ethylenediamine complex are all a factor of two to five more intense 
than the corresponding bands for the diammine complex (considering both 
extinction coefficients and half-widths ) • This is believed to be a re&O.t 
of the lower symmetry of the former compared with that of the latter. The 
Gaussian analysed spectrum is shown in Figure 15* 
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200 
100 
50 
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V (cm"^ X 10^) 
Figure 15. Gaussian analysed spectrum of [PtClgCan)] in 0.318 M chloride 
solution. The sum of the Gaussian peaks was essentially iden­
tical to the observed spectrum 
o = Gaussian peaks 
A = sum of the Gaussian peaks 
75 
This worker has observed a strong dependence of the absorption of 
plane-polarized light upon the orientation of single crystals of [PtCl2(en)]. 
The extremes are recorded with light polarized parallel to and perpendic­
ular to the needle axis of the ciystal. For "Uie orientation -which yields 
minimum absorption, one records a spectrum similar to both the solution 
spectrum and crystal spectra using unpolarized light in the region between 
18,000 cm"l and 36,000 At higher energies, the crystal shows in­
creasing absorption whereas the absorption in solution decreases until a 
minimum is reached at 40,800 cm"^. Beyond this region, one observes the 
intense charge transfer in solution. The crystal exhibits a strong dichro-
ism so that with the crystal orientation of maximum absorption at room 
tffluperature, the absorption is at least a factor of three higher in the 
region between 18,000 cm"^ and 30,000 cni"^. Beyond 30,000 cm"^, "toe 
crystals in this orientation exJiibited absorbances beyond the limits of the 
spectrophotometer. Recently, Hunter^ has recorded spectra of several thin 
crystals of [PtClgCen)] at low temperatures using polarized light. He has 
successfully obtained polarized spectra through transition energies as high 
as 35»000 cm"^. One interesting feature of Hunter's results is the appear­
ance of a pronounced shoulder on the long wavelength side of the band at 
34,200 cm"^ in the polarization of maximum absorption. It seems likely 
that the canplexity of the absorption phenomena in the region between 
20,000 cm~^ and 30,000 cm~^ will necessitate a description in terms of 
transitions to several ligand field states related to triplet states. Un­
fortunately, Hunter's data are unable to provide corroboration for this 
^Hunter, L. D., Ames, Iowa. Spectral data. Private communication. 
1969. 
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worker's proposal of the existence of a low intensity band in solutions at 
~39,000 cm-\ 
A similar analogy, between the spectrum of trans-fPtCloCNH-^)o 1 and 
that of trans-rPtdo^Cn-C^H^-j » has been noted by Chatt, ^  (20). 
In this comparison, however, one finds similarities in both band locations 
and intensities. If one compares the spectrum of [PtCl(dien)]^ (dien = 
diethylenetriaaiine) with that of the analogy again appears. 
Such comparisons are interesting but provide little meaningful information 
concerning the assignment of absorption bands in terms of specific transi­
tions, This worker is anxiously awaiting the completion of Hunter's work. 
Finally, it is worth noting that this worker has obtained spectra of 
solutions wherein the primary absorbing species was [Pt(H20)2(m)] Such 
solutions were obtained by the addition of HCIO/^ to samples containing 
principly the dihydro%o(ethylenediamine)platinum(ll) complex. The latter 
resulted from pH-stat studies of the hydrolysis of the dichloro complex in 
basic solutions. Since the spectrum of essentially pure [PtCl2(en)] was 
also available from the solutions of the compound in high chloride, it was 
possible to calculate, by difference, the spectrum of the monoaquo species. 
According to the presentation in section IV, A, the concentration of the 
diaquo species in solutions which are at equilibrium with respect to the 
reactions of Equations 1 and 2 is given by Sjuation 19» Substitution of 
this value into Equation 14, followed by rearrangement, gives for the 
equilibrium concentration of the monoaquo species; 
S ~ T + 2K2 * 
For the purpose of the following discussion, the symbol Ç total defined 
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for equilibrim solutions by the expression: 
\otal ~ ^total^ • (71) 
The right-hand side of this expression must obey the relationship: 
= «O^U-x^-ye' + • (72) 
thus: 
1 total " (73) 
The values for were evaluated frœa the spectrum of the solution 
corresponding to the first entry of Table 10. (For this recording, 1 = 
5.004 casu) For the evaluation of Eg, data were taken from the first 
spectrum of Figure 13* In the calculation of the equilibrium concentrations 
of the three species, the least squares adjusted values for T (0.857 mM from 
Table 9) and Kg (1.43 x 10"^ M from Table 11) were used. The resultant 
values for the extinction coefficients of the three species are listed in 
Table 26 and the associated spectra are shown in Figure 16. ELLeman, 
Reishus and Martin (38) have reported the spectrum of a soluticm which 
contained [PtCl2(H20)(NS^)] ^ as the dominant species. Their solution was 
obtained by passing an aged solution of [ PtCl^(NH^)] " through an anion 
exchanger, thus a small amount of (PtGl(S20)2(NH^))^ probably also contrib­
uted to the recorded spectrum. Other than this case, spectra of Pt(II) 
complexes containing aquo ligands are generally unavailable in the liter-
The values for all the constants associated with the reactions of 
%uation 1 are listed in Table 27. Apparently, tiie previously reported 
ature. 
B. Kinetics and Squllibria 
value of 5.3 X 10"^ sec""' for Jcj at 25®C (5I) is somoidiat high. 
:abl, 
X(m 
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Molar extinction coefficients (M"^ cra"^ ) as a function of wave­
length for the three complex species discussed in this work 
19 8 4 
4 
24 11 6 
8 
28 19 10 
12 
31 26 16 
20 
32 32 24 
27 
32 37 32 
34 37 36 
36 39 40 
44 39 42 
59 37 43 
84 39 45 
119 37 45 
160 42 46 
205 48 49 
224 71 55 
232 96 64 
220 125 76 
196 152 95 
168 169 114 
143 178 135 
126 175 156 
110 170 174 
92 159 190 
73 144 199 
53 126 203 
37 103 199 
30 83 193 
51 72 207 
180 74 270 
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6 (M-^ om-1) 
400 350 300 
X (nm) 
250 
Figure I6. Spectra of the three canplex species discussed in this work. 
0 = spectrum of [PtClgCan)] 
V = spectrum of [PtCl(H20)(a"i)]^ 
A = spectrum of [Pt(H20)2(en)] 
2+ 
80 
Table 27. Svmcaary of experimentally determined values for the constants 
associated with the reactions of Equation 1 
Constant Value T°C 
X 10^ M 2.76 + 0.05 35.0 
k^ X 10-^ sec"^ 11. + 1. 
k_^ X 10^ sec"^ 4.01 + 0.09 
X 103 M 2.33 + 0.09 30.0 
k^ X 10-^ sec""^ 6.2 + 1.7 
k_^ X 10^ sec"^ 2,53 + 0.05 
X 103 M 2.19 + 0.11 25.0 
k^ X 10^ sec"^ 3.4 + 0.4 
k_^ X 10^ sec"^ 1.54 + 0.03 
It was not possible, by the methods employed by this worker, to exper­
imentally determine the rate of the second aquation reaction. The main 
reason for this is the similarity of the rates of the two successive aqua­
tion reactions. However, having determined and k ^  one can evaluate 
kg according to the expression: 
"2 = (74) 
The values for the constants associated with the reactions of Equation 2 
«Té llàtôu in Taule 28. (xne lozmûas which were used to calculate weigh tea 
averages and their associated errors, and the formulas for propagating 
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Tabid 28. Summary of experimentally determined values, and, in the case of 
kg, the values calculated from experimentally determined values 
for the constants associated -vdth the reactions of %uation 2 
Constant Value T°C 
Kg X 10^ M 1.38 i 0.05 35.0 
kg X 10^ sec"^ 7.23 - 0.94 
k . X 10^ sec"^ M"^ 5.24 i 0.65 
Kg X 10^ M 1.48 i 0.05 30.0 
kg X 10^ sec"^ 6.18 t 0.49 
k_g X 10^ sec"^ 4.18 Î 0.30 
Kg X 10^ M 1.43 i 0.11 25.0 
kg X 10^ sec"^ 4.45 - 0.61 
k g z 10^ sec"^ iT^ 3.11 - 0.35 
errors and other foxmulas >Âiich were used in the statistical adjustment of 
data, other than those formulas listed in this work, may be found in the 
text by Worthing and Geffher (56).) 
From the values for the concentration equilibrium quotients at various 
temperatures, the enthalpies of the aquation reactions can be estimated. 
The temperature dependence of the thermodynamic equilibrium constant is 
given by the familiar expression* 
d(lnK®)/dT = Ah^/RT^, (75) 
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vil ere, as previously defined, we have that; 
i£0 = KF , (76) 
thus: 
d(lnK®)/dT = K df/dT + F d(lnK)/dT . (77) 
If one adopts the rather oamon assumption that activity coefficients are 
functions only of the ionic strength and of the magnitude of the charge on 
the ion, the following relationships are acceptable approximations: 
7, = =r. i (78) 
% = 72+ : (79) 
dP/dl = 0 . (80) 
Furthermore, it will be assumed, as is usually done, that: 
r o  =  ' .  ( 8 1 )  
In cognizance of Equation 80, Equation 75 is adequately approximated by: 
d(lnK)/dT = Ah®/RT^ . (82) 
vhich, upon integration, yields: 
^ ^ ° sn^ofôT Ï + • (^3) 
Thus, the enthalpy of reaction may be obtained from the slope of a plot of 
log K versus l/T according to: 
ArO = -(slope)Rln(l0.0) . (84) 
The enthalpies of the aquation reactions were estimated from %uation 84 
utilizing the results of least squares adjustments to Equation 8). (Admit­
tedly, a least squares fit to three points is somewhat superfluous; however, 
frm the available least squares program and error estimates, one obtains 
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proper weighting of the points veiy conveniently.) 
The standard free energy change associated with a reaction is givoi by 
the fundamental thermodynamic relationship: 
Af° = -RTluK® = -RTlnK + HTlnP , (85) 
lAerein, it might be a rather poor approximation to assume that the RHqF 
term is essentially zero. The value for ^ was taken equal to for 
hydrochloric acid in potassium chloride solutions of the same ionic 
strength (57). Values of the quantity (2r were 
indicated in the potentiometric determination of K2 for oxalic acid (58) 
were plotted as a function of ionic strength. A value for was com­
puted from this graph by multiplying values taken from this curve 
At an ionic strength of 0,318 M, attains the value of 0.725 and 
y'jy^ has a value of 0.493 (assuming negligible differences between 
molarities and molalities). Thus, for the aquation reactions herein des­
cribed, the following approximations were used: 
r, =2^=7,2 = 0.526 , (86) 
/O 
and: 
^2 ^ ^ y^ = (0.493)(0.526) = 0.259 . (87) 
The standard free energy changes associated with the aquation reactions 
were then calculated from Equation 85. The related entropy changes were 
calculated from the free energy changes and the enthalpy changes according 
to another fundamental thermodynamic relationship: 
As® = . (88) 
m 
The enthalpy and entropy of activation associated with the various 
reactions were estimated from transition state theory (59) according to the 
equation: 
k = ^  , (89) 
h 
where: 
h = Planck's constant; 
kg = the Boltzmann constant; 
R = the gas constant. 
For the purpose of evaluating the enthalpy of activation, the relationship: 
AH* = - RT , (90) 
was invoked, following the estimation of the Arrhenius energy, E^, from the 
slope of a plot of the logarithm of the specific rate constant versus l/l. 
All of the reaction and activation parameters vAiich were evaluated 
appear in Table 29. Since the specific rate constants tAich were used with 
Equation 89 were those for rate expressions written in terms of concentra­
tions, the discrepancies between the differences in entropies of activation 
and the entropies of reaction were not unexpected. 
It is interesting to compare the values of the concaitration equilib­
rium quotients and of the rate constants obtained as a result of this work 
with the values obtained by other workers for related complexes of Pt(ll). 
Such a comparison is presented in Table 30. Tucker, Colvin and liartin (60) 
have noted the systematic s for the concentration equilibrium quotients of 
the chloroammine series of Pt(ll) complexes. Apparently, the charge on the 
species has no primary effect on the rate constants. Thus, the observed 
rate constants for the first aquation, in which a chloride ion is lost from 
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Table 29. Activation and reaction parameters, evaluated at 25»0°C, for the 
reactions of fijuations 1 and 2 
Constant A H kcal mole"^ A S eu 
k1 
= 3.4 + 0.4 X 10-5 sec-^ 21 -16 
^-1 
= 1.54 + # 
o
 X 10-2 sec-"" M-^ 17 -10 
Difference = 4 - 6 
^1 
= 2.19 + 0.11 X 10-3 M 4 0 
= 4.45 ± 0.61 X 10-5 sec"^ 8 -51 
Kz - 3.11 
+ 0.35 X 10-T sec-^ M-1 9 -31 
Difference = - 1 -20 
h 
.
 
o
 
-
H 
•
 X 10-^ M - 1 -22 
species ranging in charge fi'om -2 to +1, differ by less than a factor of l6, 
A comparison of the activation parameters is given in Table 31. Sach 
aquation reactions of Pt(II) complexes generally involve substantially neg­
ative entropies of activation. I^ically, the activation enthalpy is about 
20 kcal mole"^. 
The large difference between the entropies of the successive aquation 
reactions of [PtClgCen)] can be predicted. Both reactions can be repre­
sented 1^: 
Cl-(bound) + HgOd) = HgOCbound) + CL-(aq) , (91) 
for lAioh As^ = -2 eu. This entropy change was calculated using the 
values (in eu) of 8.1 for chloride bound to a dipositive metal ion, 16.7 for 
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Table ^0. Concentration equilibrium quotients and rate constants for the 
acid hydrolysis of the chloroaumine series and related complexes 
of platinum(ll). The values for the chloroammine series are 
those of Tucker et (60) where the numbers in parentheses are 
estimated from a value for of 0.06 at 20®C, 
The values for the dien occupiez are those of Gray (6l} 
Complex 
Bquil. 
M X 
First 
quotient 
10^ 
Second 
Rate constant 
sec"^ X 10-5 
First Second 
[PtCl^]2- 1500 50 3.9 3.3 
[PtCl^CNH^)]" trans 1300 0,62 (12.5) 
cis 130 4 5.6 (8) 
cis-rPtCl^(NH^)^] 330 40 2.5 3.3 
[PtClgCen)] 219 14.3 3.4 4.45 
trans-f PtCl/^CNH^)^ ] 32 2 9.8 5 
[PtCl(Niy)^]+ 27 2.6 
[PtCl(dien)]"^ 37 10. 
HgOCl), 9.4 for bound HgO and 13.2 for Cl"(aq), These values were taken 
from Latimer (63) and must be considered as approximations in their appli­
cation here; however, th^ should provide the magnitude of the change 
involved. To complete the prediction, one must also consider the effect 
of the change in charge on the complex. For this estimation, the values 
given \jj la timer and Jolly (64) for alurainum=fluoride complexes were used. 
For the reactions of Equations 92 and 93 on the following page, th^ list 
S7 
Table 31. Activation parameters for the acid hydrolysis reactions of some 
platinum(ll) complexes. Values other than those resulting from 
this work, taken from Belluco et al. (62) and references cited 
therein, and fï-om Martin (29) 
Complex Ah As* 
kcal mole"^ eu 
[PtCli^]2- 21 - 8 
[PtCl^d^H^)]" trans 15 -30 
ois 20 
- 9 
cis-rPtClo(NH3)o] 20 -14 
[PtCl2(aa)] 21 -16 
trans-fPtCl'}(NH2)j) ] 19 -11 
[PtCKNH^)^]'^ 18 -18 
[PtCl(dien)]"^ 20 -10 
[Ptd^CgO)]" 25 + 2 
cls-fPtCKNH^^oCHoO)}'^ 20 -11 
[PtCa.(H20)(Qa)]"^ 8 -51 
AlFg"*" + F- = AlP^(aq) ; (92) 
A1F2+ + F- = ; (93) 
charge effects of 3 and 12 eu, respectively. The changes in charge for the 
reverse of the above reactions correspond to the changes Involved in the 
n *• 1 ^  ^  ^ A A F ^ 4^» f <>• •! \ 1 ^ — — — ——* 
mations, one estimates the values as -5 and -14 oa, respectively, for the 
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aquations reactions of this work. A significant difference in the entro» 
pies of these reactions is, therefore, to be expected. 
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n. APPÏHDIX 
The development presaited herein follows closely that of Wentworth 
(52). 
Esqierimentally, n pairs of measurements of the variables are made 
i6ich win be designated as (a^^,!^); i = 1, ***, n. A single function, F, 
relates "Uiese variables and the two parameters, GL and f3f for i^ich one 
wishes estimates. The function is: 
F(a.T,a,/?) = t3 + an^ + (/3-aa)T - 2aP = 0 . (9»f) 
Estimates of the parameters may be found, which wiU be designated by CL 
and P, based on the principle of least squares. The least squares adjust­
ed values of the variable T wiU be designated by Tj^. The a variable will 
be assumed to be exact. "Die residual of the ith measurement is given ly: 
^i = C^i-^i) • (95) 
Assuming that satisfactory first approximations for the parameters, 
GL ° and are obtainable, the differences between these first approxi­
mations and the least squares values are given by: 
Aa = (a°-â) (96) 
and 
A/3 = (P'-P) . (97) 
The mathmatical statement of the least squares problem is that one 
desires to obtain a minimization of the sum of the weighted squares of the 
residuals, that is, one seeks a minimization of: 
â = 2 w. V. - , (98) 
1 
95 
subject to the restricting equations: 
Fi(ai.T^.â./3) = 0 ; i = 1, n . (99) 
The weights are defined by: 
cr ^  
w. = . (100) 
a-,2 
Wiere (T^ is the standard deviation of the ith measurement of T; and C7^ 
is, by definition, the standard deviation of a measured value of unit 
weight. practice, however, CT^ is an arbitrary constant tAich is 
chosen to make the magnitude of the weights convenient, and i6ich will not 
effect the value of any quantity determined ty the method. 
The solution of the problem is simplified considerably if the restric­
ting Equations 99 are linear with respect to both variables and parameters. 
(Of course, Equation 9^ is linear in the parameters and could be treated as 
a function of the form: y = + CL. Such a treatment would, however, in­
volve variables of little physical significance. Furthermore, both vari­
ables would be functions of T tihich would force one to consider both x and 
y subject to error - a problem of considerable complexity.) To simplify 
the restricting equations, one expands in a Taylor serios about the point 
(ai,Ti,CL°,/?°) and truncates the series after the first order terms. The 
Taylor series expansion of the restricting Equations 99 is of the form: 
= F°^ (a^ ,î^ .a°./3°) + F^ (^T^ -T^ ) + 
F^^(â-a0) + F^^(^-/3®) (101) 
where: 
96 
In terns of the residuals of Equation 951 and of the differences of Equa­
tions 96 and 97t Equation 101 becomes: 
F^(ai,T^,â,/3) = F\(ai.Ti,a°./3°) - Ad - F^ A/3 (105 
T CL jL) 
lAich yields the reduced restricting equations: 
F°i(ai,Ti,a°,/3°) = F^^Vi + Fi^Aa + hp^P : i = 1, n. (IO6) 
Now, in order for S of Equation 98 to be a minimum, it is necessazy 
that: 
Ss/Sv^ = = 0 , (10?) 
or, it must be that: 
dS = (Ss/Sv^) dV^ = 0 . (108) 
Caabination of Equations 10? and 108 yields: 
ldS=X\\^\ = 0. (109) 
The variations in the residuals, dV^^, must satisfy the differential of the 
restricting Equations IO6, thus: 
Fj^^dVi + F^^dAa + Fy^dA/3 = 0 ; i = 1, n. (110) 
to the restricting Equations 110. 
97 
Introduction of n arbitrary multipliers, -X^, **', and multi­
plication of each times Situations 110 yields: 
XiFi^dAa - = 0 ; i = 1, n. (Ill) 
Addition of Situations 111 and Situations 109, followed collection of 
coefficients of the differentials, gives: 
Xi^ ±\'Kh 2Xi?i^ dAa - lX.F.^ dA/3 = 0 . (112) 
i T 1 -^Cl i /J 
In order to have a meaningful solution of St^&tion 112, the coefficient of 
each differential must equal zero, that is: 
*i\ " ^i^i ^  ° • i = 1' n; (113) 
X^iFi^ = 0 ; (114) 
l\hp = ° • (115) 
Situations 113 can be solved for the residuals, yielding: 
\= ^ ; i = 1, n. 
Substitution of these values Into the restricting Situations 106 gives: 
„ Xl(F. )2 
î<'i(ai.Ti.a°./3°) = ^ + Fi^Aa + Fj^A/3 . (i i7) 
Introduction of the definition: 
= » (118) 
"i 
followed by its substitution into Situation 117, yields, after rearrange­
ment: 
98 
The can be aUjainatsd by substitution of Equation 119 into Equations 
1l4 and 115 to yield: 
and 
i Li i ^ i ^i 
i 4 i ^i i ^ 
These are the normal equations and are sim^y a pair of linear equations 
T^ich can be solved for Ad and 
For the purpose of continuing, aquations 120 and 121 are now written 
as: 
b^^Aa + b^gA/? = (122) 
and 
b2,Aa + h^àP = =2 _ (123) 
The corresponding elements of the matrix inverse to the coefficient matrix 
for Equations 122 and 123 are given the symbols: d^. From the inverse 
matrix, it can easily be shown that: 
Aa = d^^c^ + d^2®2 (12!^) 
and 
A/3 = dgic, + dggCg ^ (125) 
The desired napamatap mattmAtA* ara t.ViA« ftal rsiil st-o^ f?0!>? ^U^tlOîï® 96 5»îd 
97# The utility of the Inverse matrix solution rests in the fact that the 
99 
variances of the parameters are simply given by: 
cr^ 2 = d„cr/ (126) 
and 
7?' ° ^2Z = (i„o-2. (127) 
